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model  fit  to  the  experimental  data  using  FITEQL,  the  inner-sphere  monodentate  =MnOSb(OH)5~ 
or  bidentate  (=MnO)2Sb(OH)4“  species,  and  chemical  models  B  and  C  described  in 
Table  14 . 152 

Eigure  92.  The  adsorption  of  antimonate  by  birnessite  as  a  function  of  pH  and  ionic  strength  in 
(a)  0.01  MKNO3  and  (b)  0.1  MKNO3.  The  lines  represent  the  triple-layer  surface  complexation 
model  fit  to  the  experimental  data  using  EITEQL,  the  outer-sphere  =MnOH2^-Sb(OH)6~  species 
and  the  inner-sphere  monodentate  =MnOSb(OH)5“  or  bidentate  (=MnO)2Sb(OH)4“  species,  and 
chemical  models  D  and  E  described  in  Table  14 . 153 

Eigure  93.  The  adsorption  of  phosphate  by  birnessite  as  a  function  of  pH  and  ionic  strength  in  (a) 
0.01  MKNO3  and  (b)  0.1  MKNO3.  The  lines  represent  the  triple-layer  surface  complexation 
model  fit  to  the  experimental  data  using  EITEQL  and  the  chemical  model  described  in 
Table  14 . 154 

Eigure  94.  The  adsorption  of  (a)  antimonate  and  (b)  phosphate  by  birnessite  as  a  function  of  pH 
and  ionic  strength  in  antimonate-phosphate  direct  competition  systems.  The  lines  represent  the 
triple-layer  surface  complexation  model  predictions  using  the  log  values  optimized  for  non¬ 
competitive  adsorption  of  antimonate  (Model  D;  =MnOH2^-Sb(OH)6~  and  =MnOSb(OH)5~ 
species)  or  phosphate  (=Mn0H2^-HP04^~  and  =Mn0H2^-H2P04~  species)  (Table  14).  The  solid 
lines  show  the  predicted  adsorption  in  0.01  MKNO3,  the  dashed  lines  in  0.1  MKNO3 . 155 
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Figure  95.  The  adsorption  of  (a)  antimonate  and  (b)  phosphate  by  bimessite  as  a  function  of  pH 
and  ionic  strength  in  antimonate-phosphate  direct  competition  systems.  The  lines  represent  the 
triple-layer  surface  complexation  model  predictions  using  the  reoptimized  log  values  of  5.19, 
6.90,  18.52,  and  25.49  for  =MnOH2^-Sb(OH)6“,  =MnOSb(OH)5“,  =Mn0H2^-HP04^“,  and 
=Mn0H2^-H2P04~  formation.  The  solid  lines  show  the  predicted  adsorption  in  0.01  MKNO3, 
the  dashed  lines  in  0.1  MKNO3 . 156 
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Abstract 


Background.  Antimony  (Sb)  is  a  co-contaminant  with  lead  (Pb)  in  shooting  range  soils  at 
DoD  installations  throughout  the  United  States.  This  element  is  a  specified  eontaminant  of 
interest  in  the  FY2010  SERDP  Statement  of  Need.  The  in-situ  immobilization  of  Pb  in  shooting 
range  soils  may  be  aecomplished  through  the  applieation  of  phosphate  (PO4).  However,  the 
impaet  of  this  treatment  on  the  mobility  and  bioaeeessibility  of  Sb  is  unknown.  Further,  the 
ability  to  prediet  Sb  fate  and  behavior  in  eontaminated  soils,  or  as  infiueneed  by  treatment 
teehnologies,  has  not  been  suitably  developed.  In  soil,  Sb  eommonly  exists  in  the  Sb(V) 
oxidation  state  as  the  hydroxyanion  Sb(OH)6~.  This  anionie  speeies  is  derived  through  the 
hydrolysis  of  antimonie  aeid  (Sb(OH)5°,  a  weak  aeid).  As  sueh,  the  prineipal  meehanisms  of 
retention  in  soils  are  anion  exehange  (weak  outer-sphere  eleetrostatie  adsorption)  and  ligand 
exehange  (strong  inner-sphere  eovalent  adsorption)  by  variable-eharge  soil  minerals,  sueh  as  iron 
(Fe),  aluminum  (Al),  and  manganese  (Mn)  oxyhydroxides.  Available  research  findings  suggest 
that  Sb(V)  is  assoeiated  with  Fe  oxyhydroxides  in  soils,  and  that  PO4  amendments  ean  enhanee 
Sb(V)  mobility  and  bioaeeessibility.  Objectives.  The  objeetives  are  to:  (1)  determine  the 
mechanisms  and  thermodynamics  of  Sb(V)  adsorption  by  hydrous  Fe,  Al,  and  Mn 
oxyhydroxides  (goethite,  gibbsite,  kaolinite,  and  bimessite)  as  a  function  of  ionic  environment, 
pH,  temperature,  and  Sb(V)  eoncentrations;  (2)  quantify  the  eompetitive  effeets  of  PO4  and  SO4 
on  Sb(V)  adsorption;  and  (3)  develop  and  evaluate  the  capability  of  chemical  models  to  predict 
Sb(V)  adsorption  within  the  holistic  framework  of  a  complex  ehemieal  environment.  Technical 
Approach.  A  series  of  laboratory-based  experiments  were  performed  to  determine  the  Sb(V) 
adsorption  meehanisms,  and  the  tenaeity  and  reversibility  of  the  adsorption  proeesses. 

Adsorption  edge  studies  were  used  to  assess  the  meehanisms  of  Sb(V)  retention  by  reaetive  soil 
minerals  as  a  funetion  of  several  environmental  variables,  including  pH,  ionic  strength  (4, 
controlled  by  KNO3),  and  the  presenee  of  competing  ligands  (PO4  and  SO4).  Adsorption 
isotherms  were  developed  as  a  funetion  of  Sb(V)  eoneentration,  pH,  and  temperature  to  assess 
the  thermodynamics  of  Sb(V)  adsorption.  The  data  aeeumulated  from  these  experimental 
aetivities,  including  the  identified  adsorption  meehanisms,  were  then  used  to  develop 
meehanistie  predietive  models  that  combine  aqueous  speeiation  and  surfaee  eomplexation 
(adsorption)  phenomenon.  The  ehemieal  modeling  aetivity  resulted  in  meehanistie  parameters 
that  deseribed  Sb(V)  retention  and  that  are  transferable;  they  ean  be  used  to  prediet  Sb(V)  fate 
and  behavior  in  any  soil  environment  (given  that  soil  ehemieal  information  are  available). 
Results.  The  aluminol  group  (=A10H)  is  the  reaetive  surfaee  functional  group  on  kaolinite  and 
gibbsite.  The  aluminol  group  has  relatively  low  affinity  for  Sb(V),  and  retention  is  both  pH-  and 
ionie  strength-dependent.  Kaolinite  exhibits  the  lowest  eapaeity  to  retain  Sb(V)  (1.48  mmol  kg“' 
adsorbed  Sb(V)  at  pH  5.5),  with  minimal  adsorption  (~0  %  of  added  Sb(V))  in  pH  >  7 
suspensions.  In  pH  <  4  suspensions,  adsorption  inereases  to  approximately  50  %  of  the  added 
Sb(V)  in  0.1  4,  and  to  80  %  in  0.01  4.  Similarly,  Sb(V)  retention  by  gibbsite  is  pH-  and  In¬ 
dependent  (4.32  mmol  kg“^  adsorbed  Sb(V)  at  pH  5.5),  with  between  0  %  and  10  %  of  the  added 
Sb(V)  retained  in  pH  >  9  suspensions.  In  pH  <  4  suspensions,  retention  inereases  to 
approximately  80  %  of  the  added  Sb(V)  in  0.1  4,  and  to  >  90  %  in  0.01  4-  The  ionie  strength- 
dependeney  of  Sb(V)  adsorption  by  kaolinite  and  gibbsite  indieates  that  the  weak,  eleetrostatie 
retention  of  Sb(V)  is  an  important  meehanism.  However,  in  strongly  aeidie  suspensions  (pH  <  5 
to  6),  Sb(V)  adsorption  is  irreversible,  suggesting  strong  covalent  bonding.  The  mechanistic 
interpretation  of  the  adsorption  edge  results  are  supported  by  the  adsorption  isotherm  results  and 
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surface  electrostatics.  In  pH  8  suspensions,  Sb(V)  adsorption  is  exothermic,  indicating  that  the 
predominate  retention  meehanism  is  anion  exchange.  In  pH  5.5  suspensions,  there  is  an 
endothermic  component  to  the  adsorption  process,  indieating  covalent  bonding  by  the  aluminol 
functional  group.  Antimonate  adsorption  generates  a  negative  shift  in  surface  eharge  and  an 
increase  in  proton  adsorption,  both  of  whieh  are  eonsistent  with  eovalent  bonding.  Both  sulfate 
and  phosphate  interfere  with  Sb(V)  retention  on  kaolinite  and  gibbsite.  The  ferrol  group 
(=FeOH)  on  goethite  has  a  high  eapaeity  to  retain  Sb(V)  (88.5  mmol  kg“^  adsorbed  Sb(V)  at  pH 
5.5).  Adsorption  by  goethite  is  pH-dependent,  independent  of  ionic  strength,  and  generally 
irreversible.  Approximately  40  %  of  the  added  Sb(V)  is  retained  by  goethite  in  pH  10 
suspensions,  inereasing  to  100  %  when  pH  <  6.  Antimonate  adsorption  is  endothermic  in  both 
pH  5.5  and  8  suspensions  and  adsorption  generates  a  negative  shift  in  goethite  surface  eharge, 
indieating  covalent  bonding  by  the  ferrol  functional  group.  Antimonate  adsorption  by  goethite  is 
not  impaeted  by  sulfate.  However,  phosphate  strongly  inhibits  Sb(V)  retention.  Like  the  ferrol 
group  on  goethite,  the  manganol  group  (=MnOH)  on  bimessite  is  a  scavenger  for  Sb(V)  (14.8 
mmol  kg“'  adsorbed  Sb(V)  at  pH  5.5).  Adsorption  by  bimessite  is  pH-  and  ionic  strength- 
dependent.  Approximately  10  %  (low  4)  to  20  %  (high  4)  of  the  added  Sb(V)  was  retained  by 
bimessite  in  pH  >  9  suspensions,  increasing  to  100  %  when  pH  <  5.  Antimonate  adsorption 
generates  a  negative  shift  in  bimessite  surface  eharge,  indieating  covalent  bonding  by  the 
manganol  functional  group.  Antimonate  adsorption  by  bimessite  is  not  impaeted  by  either  sulfate 
or  phosphate.  The  experimental  findings  suggest  that  the  retention  of  Sb(V)  by  kaolinite  and 
gibbsite  occurs  via  a  combination  of  electrostatic  and  covalent  bonding  meehanisms;  whereas, 
retention  by  goethite  and  bimessite  occurs  predominately  by  covalent  mechanisms.  Antimonate 
adsorption  by  all  surfaces,  as  a  function  of  pH  and  ionic  strength,  was  successfully  predicted  by 
employing  the  triple-layer  surfaee  complexation  model  that  considered  both  outer-sphere 
[=5'OH2^-Sb(OH)6~]  and  inner-sphere  [=5'OSb(OH)5“]  adsorption  meehanisms.  In  general, 
however,  the  models  generated  for  single  ligand  systems  required  reoptimization  to  successfully 
predict  adsorption  in  the  competitive  (Sb(OH)6  and  SO4  or  Sb(OH)6  and  PO4)  systems.  Benefits, 
This  researeh  speeifically  addresses  deficieneies  in  the  scientific  literature  by  providing  an 
improved  understanding  of  Sb(V)  adsorption  behavior  by  reactive  soil  and  sediment  components, 
and  by  developing  the  capabilities  to  predict  Sb(V)  mobility  and  bioavailability.  The  researeh 
results  will  help  establish  teehnically-defensible  elean-up  goals  and  priorities  at  DoD  facilities, 
and  will  improve  public  and  DoD  site  manager  eonfidence  in  the  management  of  contaminated 
environments.  This  researeh  describes  the  adsorption  of  Sb(V)  by  the  surfae e-reactive  minerals 
that  are  eommon  to  soils  and  sediments.  The  results  indicate  that  Sb(V)  retention  is  strongly 
dependent  on  pH.  Depending  on  the  adsorbent,  Sb(V)  adsorption  is  also  infiueneed  by  the  ionie 
strength  (salinity)  and  the  presenee  of  ligands  (SO4  and  PO4)  that  eompete  for  adsorption  sites.  In 
general,  Sb(V)  is  immobilized  in  strongly  aeidie  environments,  and  by  Fe-  and  Mn-rieh  phases 
(but  not  by  Al-rich  phases).  The  research  findings  also  indicate  that  the  addition  of  P04-based 
fertilizer  amendments  to  immobilize  lead  in  shooting  range  soils  will  potentially  enhance  Sb(V) 
mobility  and  bioaceessibility.  Geochemieal  models  that  prediet  the  distribution  of  Sb(V)  between 
soluble  and  adsorbed  phases  as  a  funetion  of  pH  and  ionie  environment  were  sueeessfully 
developed.  However,  the  applieation  of  these  models  to  predict  behavior  in  Sb(V)-affected 
environments  will  require  site-specific  chemical  information  and  calibration. 
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Objective 


This  research  addresses  the  FY  2010  SERDP  Statement  of  Need  on,  “Mechanisms  of 
Contaminant  Interaction  with  Soil  and  its  Impact  on  the  Bioavailability  of  Contaminants” 
(ERSON- 10-03).  The  research  provides  an  improved  understanding  of  the  mechanisms  and 
permanence  of  the  binding  of  antimony  (Sb)  (a  contaminant  of  interest  in  the  SON)  by  soil 
components  through  a  combination  of  laboratory-scale  studies  and  computer  modeling  activities. 
This  research  is  predicated  on  the  recognition  that  a  mechanistic  understanding  of  bioavailability 
processes,  and  the  development  of  scientifically-based  mechanistic  predictive  models,  is  needed 
to  assess  the  risk  associated  with  contaminated  soils  and  sediments  (National  Research  Council, 
2003).  Antimony  is  a  toxin  having  no  known  biological  function,  and  a  common  co-contaminant 
with  lead  in  shooting  range  soils  and  soils  subjected  to  military  training  activities.  These 
environments  are  present  at  DoD  installations  throughout  the  United  States.  Antimony  is  bound 
to  soil  particles  via  adsorption  processes.  However,  there  is  a  paucity  of  scientific  evidence  and 
technical  information  concerning  the  adsorption  behavior  of  Sb  in  the  environment.  Thus,  the 
evaluation  of  soil  treatment  technologies,  such  as  those  using  phosphate  amendments  to  stabilize 
lead,  remains  a  challenge.  Unlike  many  other  metal  toxins  (e.g.,  lead  and  arsenic),  the 
mechanisms  (chemical  reactions)  that  impact  bioaccessibility,  and  distribute  Sb  between  mobile 
and  immobile  components  of  the  soil  environment,  are  not  well-understood.  Yet,  knowledge  of 
these  mechanisms  (specific  bonding  mechanisms,  chemical  reactions  and  associated  equilibrium 
constants)  is  required  for  predicting  the  long-term  fate  and  behavior  of  Sb  in  the  environment. 
This  research  seeks  to  provide  a  clear  and  holistic  understanding  of  Sb  behavior  under  various 
chemical  conditions,  to  provide  technical  information  that  may  be  employed  to  assess  treatment 
strategies,  and  to  predict  bioaccessibility  through  the  development  of  predictive  chemical 
models. 

The  objectives  of  this  research  were  fulfilled  through  a  series  of  hypothesis-driven  tasks 
designed  to  enhance  the  conceptual  and  numerical  understanding  of  Sb(V)  fate  and  behavior  in 
chemically-complex  environments.  The  following  hypotheses  and  associated  project  tasks  and 
subtasks  were  resolved  in  the  research: 

1.  The  adsorption  characteristics  of  Sh(V)  hy  hydrous  Al,  Fe,  and  Mn  oxyhydroxides  will 
establish  the  mechanisms  and  quantitative  parameters  needing  to  assess  treatment 
strategies  and  predict  hioaccessihility. 

Task  1  Antimony(V)  adsorption  edge  determinations  for  gibbsite,  kaolinite,  goethite,  and 
bimessite 

Task  2  Antimony(V)  adsorption  isotherm  determinations  at  temperatures  of  278K,  288K, 
298K,  and  308K  (gibbsite,  kaolinite,  and  goethite) 

Task  3  Electrostatics  at  the  solid-solution  interface  for  gibbsite,  kaolinite,  goethite,  and 
bimessite 

2,  Phosphate  and  sulfate  will  compete  with  Sh(V)  for  adsorption  sites  on  reactive  soil 
minerals;  the  competitive  effect  will  differ  with  competing  ligand,  initial  saturation  of 
the  surfaces,  and  pH. 
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Task  4 


Competitive  adsorption  in  preadsorbed  ligand  systems  for  gibbsite,  kaolinite, 
goethite,  and  birnessite 
Task  5  Competitive  adsorption  with  direet  ligand  competition  for  gibbsite,  kaolinite, 
goethite,  and  birnessite 

3,  Surface  complexation  models  (SCMs)  may  be  employed  to  determine  the  distribution  of 
Sb(V)  between  adsorbed  and  solution  phases,  thereby  providing  a  molecular-level 
prediction  of  Sb  fate  and  behavior  in  chemically-complex  environments. 

Task  6  Surface  complexation  modeling  of  antimony(V)  adsorption  in  non-competitive 
systems  and  competitive  systems 

Background 

Antimony  is  a  naturally  occurring  trace  element  found  with  a  median  soil  concentration 
estimated  at  1  mg  kg“'  (ranging  <  0.2  to  10  mg  kg“')  (Helmke,  1999;  Filella  et  ah,  2002a). 

Higher  Sb  concentrations  in  soil  are  directly  correlated  to  anthropogenic  sources,  mainly  mining 
and  smelter  areas,  shooting  ranges,  and  along  roadsides  due  to  the  presence  of  Sb  in  dust  from 
brake  pads  and  tires  (Filella  et  ah,  2002a;  Scheinost  et  ah,  2006;  Li  and  Thornton,  1993; 

Crecelius  et  ah,  1975;  Nriagu  and  Pacyna,  1988;  Nriagu,  1989).  In  the  past,  the  major  industrial 
use  of  Sb  was  as  an  additive  to  strengthen  lead  in  the  production  of  alloys;  now,  Sb  is  mainly 
used  as  a  flame  retardant  (Carlin,  2000).  There  has  been  increasing  concern  regarding  the 
environmental  behavior  of  Sb  compounds  (Filella  et  ah,  2002a,  b).  It  is  listed  as  a  priority 
pollutant  by  the  U.S.  Environmental  Protection  Agency  (USEPA,  2004;  Elynn  et  ah,  2003)  and 
as  a  priority  metal  according  to  the  Department  of  Defense  (Salatas  et  ah,  2004).  Antimony  has 
no  known  biological  function,  has  high  acute  toxicity,  and  is  known  to  induce  chronic  health 
effects  (Schnorr  et  ah,  1995;  Gebel  et  ah,  1997).  The  World  Health  Organization  and  the  USEPA 
have  set  drinking  water  guidelines  of  20  pg  E“'  and  6  pg  E“'  (WHO,  2006;  USEPA,  2004). 

Antimony  is  a  metalloid  that  exists  in  nature  in  the  -III,  0,  III,  and  V  oxidation  states.  Both 
Sb(III)  and  Sb(V)  are  common  to  natural  environments,  with  the  Sb(III)  species  reportedly  more 
toxic  than  Sb(V)  forms  (Bencze,  1994).  However,  Sb(V)  is  thermodynamically  stable  in  oxic  and 
suboxic  soils;  when  O2,  Pe(III),  and  Mn(IV)  are  present  (Pig.  1)  (Takayanagi  and  Cossa,  1997; 
Andreae  et  ah,  1981).  Antimony  redox  equilibrium  may  be  described  by  the  reaction  (Pilella  and 
May,  2003):  Sb(OH)3*^  +  3H2O  =  Sb(OH)6~  +  3H'^  +  2e~  (log  K=  -25.15).  Based  on  this  oxidation 
reaction,  the  theoretical  activity  ratio  of  Sb(OH)6~  to  Sb(OH)3*^  is  10^^  at  pH  7  and  pE  13.6  (oxic 
conditions).  In  natural  oxic  waters  (freshwater,  seawater,  estuarine),  the  concentration  ratio  of 
Sb(V)  to  Sb(III)  is  considerably  smaller  (in  general,  Sb(III)  is  detected),  although  Sb(V)  still 
predominates  (Pilella  et  ah,  2002a;  Mitsunobu  et  ah,  2006).  In  oxic  systems,  Sb(V)  (antimonate) 
aqueous  speciation  is  controlled  by  the  hydrolysis  reaction  (Pilella  and  May,  2003;  Accornero  et 
ah,  2008):  Sb(OH)5°  +  H2O  =  Sb(OH)6~  +  H"^  (log  =  -2.85).  Thus,  at  pH  values  greater  than 
2.85  the  hydroxyanion  Sb(OH)6“  species  predominates  (Pig.  1).  Studies  have  shown  that  Sb(III) 
is  quickly  oxidized  to  Sb(V)  in  oxic  soils  (Thanabalasingam  and  Pickering,  1990;  Belzile  et  ah, 
2001;  Quentel  et  ah,  2004;  Eeuz  et  ah,  2006).  Purthermore,  Sb(V)  is  generally  the  only  Sb 
oxidation  state  found  in  oxic  soils  and  sediments  (Takaoka  et  ah,  2005;  Mitsunobu  et  ah,  2006; 
Scheinost  et  ah,  2006;  Ritchie  et  ah,  2013).  In  the  few  studies  that  investigate  Sb(III)  oxidation,  it 
has  been  shown  that  oxidation  occurs  rapidly  when  in  the  presence  of  peroxide  (H2O2)  and 
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Fe(III)  and  Mn(IV)  oxyhydroxides  (Belzile  et  al.,  2001;  Watkins  et  al.,  2006;  Leuz  et  al.,  2006; 
Xu  et  al.,  2011).  Belzile  et  al.  (2001)  confirmed  that  Sb(lll)  was  completely  oxidized  by 
amorphous  Fe(lII)  oxyhydroxides  within  5  days  and  by  Mn(IV)  oxyhydroxides  within  3  days. 
Similar  results  were  seen  by  Leuz  et  al.  (2006)  for  goethite  [FeOOH].  Relative  to  health 
concerns,  the  oxidation  of  Sb(lll)  to  Sb(V)  is  desired,  as  Sb(lll)  is  considered  more  toxic  to 
organisms  than  Sb(V);  however,  Sb(V)  displays  greater  solubility  and  environmental  mobility 
than  Sb(IIl). 
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Figure  1.  The  redox  speciation  of  antimony  (Sb).  The  oxic,  suboxic,  and  anoxic  regions  are 
also  shown.  The  diagram  illustrates  that  Sb(V)  species  predominate  in  oxic  (O2  present)  and 
suboxic  (Fe(ll)-Fe(lll)  and  Mn(ll)-Mn(lV)  couples  control  pE)  environments.  The  diagram 
also  shows  that  the  Sb(OH)6~  species  predominates  in  the  pH  range  commonly  observed  in 
soils  (pH  4  to  9). 


As  a  contaminant,  Sb  is  commonly  found  in  association  with  lead  (Pb).  Localized  shooting 
activities  are  a  major  source  of  Pb  and  Sb  contamination  in  many  locations  worldwide,  through 
the  weathering  of  spent  bullets.  These  bullets  corrode  and  release  metals  and  metalloids  into  the 
soil.  Lead  bullets  have  a  core  composed  of 95%  Pb  and  ~2  to  5%  Sb.  Other  elements  that  may 
be  present  include  arsenic  (As),  bismuth  (Bi),  gold  (Au),  selenium  (Se),  silver  (Ag),  and 
tellurium  (Te)  depending  on  Pb  quality  (Johnson  et  ah,  2005;  Kilgour  et  ah,  2008).  Antimony  is 
a  co-contaminant  with  Pb  (Kilgour  et  ah,  2008;  Clausen  and  Korte,  2009),  as  both  elements  are 
present  in  the  bullet  fragments.  Indeed,  Sb  concentrations  in  soils  affected  by  military  training 
activities  and  at  civilian  shooting  ranges  can  reach  100,000  mg  kg“'  (Scheinost  et  ah,  2006); 
although  commonly  reported  Sb  concentrations  at  civilian  shooting  ranges  are  substantially 
lower,  ranging  from  <517  mg  kg“'  to  <  17,500  mg  kg“'  (Basunia  and  Landesberger,  2001; 
Knechtenhofer  et  ah,  2003;  Johnson  et  ah,  2005;  Mitsunobu  et  ah,  2006;  Spuller  et  ah,  2007; 
Kilgour  et  ah,  2008;  Clausen  and  Korte,  2009).  Still,  these  shooting  range  soil  Sb  concentrations 
far  exceed  those  of  uncontaminated  soils,  by  several  orders  of  magnitude,  resulting  in  elevated 
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pore  water  Sb  concentrations  (Clausen  and  Korte,  2009;  Lewis  et  al.,  2010).  In  addition,  Sb  and 
Pb  concentrations  exhibit  a  strong  linear  correlation  in  shooting  range  soils  (Kilgour  et  ah,  2008) 

Antimony(V)  exists  as  a  ligand  in  aqueous  environments  [Sb(OH)6~].  As  such,  it  may 
potentially  bind  to  variable  charged  surfaces,  specifically  those  that  develop  positive  surface 
charge.  Oxides  and  oxyhydroxides  of  Al,  Fe,  and  Mn  are  ubiquitous  in  soils  and  have  a  pH 
dependent  surface  charge,  making  them  an  important  component  in  both  metal  and  ligand 
adsorption.  The  =A10H  and  =FeOH  surface  sites  on  variable-charge  minerals  (e.g.,  gibbsite  and 
goethite)  develop  net  positive  charge  when  solution  pH  is  less  than  8  to  9  (Essington,  2003). 

Only  a  few  studies  have  investigated  the  adsorption  of  Sb(V)  on  naturally  occurring  minerals  and 
soils,  even  though  many  papers  have  noted  a  correlation  between  the  presence  of  Fe 
oxyhydroxides  and  Sb  mobility  (Mok  and  Wai,  1990;  Chen  et  al.,  2003;  Gal  et  ah,  2006; 
Martinez-Llad6  et  ah,  2011).  In  general,  Sb  has  been  found  to  be  relatively  immobile  in  soil. 
Under  acidic  to  slightly  alkaline  pH  (2.5  to  '-'8)  and  oxic  soil  conditions,  the  Sb(OH)6~  ligand 
binds  strongly  to  Fe  oxyhydroxides,  such  as  goethite  and  hematite  [FeiOs],  as  well  as  Al 
oxyhydroxides,  ferrous  and  ferric  sulfates  (Ambe,  1987;  Xu  et  al.,  2001;  Johnson  et  ah,  2005; 
Leuz  et  ah,  2006;  Mitsunobu  et  ah,  2006  and  2009),  and  clay  minerals  (Xi  et  ah,  2011).  With 
increasing  pH  from  -'3,  Sb  retention  decreases  with  a  concomitant  increase  in  mobility  (Crecelius 
et  ah,  1975;  Legoux  et  ah,  1992;  Xu  et  ah,  2001;  Nakamura  et  al.,  2006;  McComb  et  ah,  2007; 
Rakshit  et  ah,  2011).  Other  studies  have  also  shown  low  mobility  of  the  Sb(V)  bound  to  oxides 
and  indicated  that  there  may  potentially  be  inner-sphere  complexation  (Lintschinger  et  ah,  1998; 
Knechtenhofer  et  ah,  2003;  Basunia  and  Landsberger,  2001;  Mitsunobu  et.  ah,  2009;  Rakshit  et 
al.,  2011;  Xi  et  al.,  2011).  Xi  et  al.  (2011)  found  that  the  adsorption  of  Sb(V)  by  the  edge  =A10H 
sites  on  bentonite  was  endothermic,  which  suggests  an  inner-sphere  surface  complexation 
mechanism  (Journey  et  ah,  2010).  Scheinost  et  al.  (2006)  and  Mitsunobu  et.  al.  (2006)  used 
EXAFS  to  investigate  Sb  speciation  in  shooting  range  and  mine-affected  soils  that  ranged  in  pH 
from  3.1  to  ~8.  They  determined  that  only  two  Sb  species  were  present:  Sb(V)  adsorbed  by  or 
coprecipitated  in  Fe  oxides,  and  Sb(0)  in  unweathered  bullet  fragments.  Mitsunobu  et.  al.  (2010) 
used  EXAFS  to  show  that  Sb(V)  formed  inner-sphere  surface  complexes  on,  and  was 
incorporated  into  the  structures  of,  ferrihydrite  and  goethite.  Using  EXAFS,  Scheinost  et  al. 
(2006),  Ilgen  and  Trainor  (2012),  and  Ritchie  et  al.  (2013)  concluded  that  Sb(V)  retention 
resulted  from  the  formation  of  two  types  of  inner-sphere  surface  complexes  on  Al  and  Fe  oxides: 
monodentate-mononuclear  and  bidentate-binuclear.  Using  ATR-IR  spectroscopy,  McComb  et  al. 
(2007)  concluded  that  Sb(V)  adsorption  onto  amorphous  Fe(III)  oxide  occurred  via  both  inner- 
and  outer-sphere  mechanisms  in  the  pH  3  to  8  range. 

The  use  of  mineral  amendments  to  immobilize  metals  at  contamination  sites  has  become 
increasingly  popular.  There  have  been  numerous  studies  investigating  the  effect  of  PO4  on  Pb 
mobilization  (Melamed  and  Ma,  2008).  Addition  of  PO4  to  immobilize  soil  Pb  has  the  advantage 
of  being  an  in  situ  method  and  thereby  decreasing  remediation  costs  and  risk  of  worker  exposure. 
Although  the  literature  is  replete  with  studies  that  examine  the  competitive  adsorption  of  PO4  and 
arsenate  or  selenate,  there  has  been  only  limited  investigation  into  the  effects  of  PO4  on  Sb(V) 
adsorption.  Kilgour  et  al.  (2008)  observed  increases  in  Sb(V)  leaching  and  bioaccessibility  in 
shoot  range  soils  treated  with  triple  superphosphate,  relative  to  untreated.  Xi  et  al.  (2011) 
observed  that  PO4,  and  to  a  lesser  degree  SO4,  reduced  the  retention  of  Sb(V)  by  bentonite  in  pH 
6  systems,  and  Biver  et  al.  (2011)  found  that  PO4  and  carbonate  (HCO3  and  CO3)  effectively 
desorbed  Sb(V)  from  hydrous  metal  (Al  and  Fe)  oxides,  clay  minerals,  and  Sb(V)-contaminated 
sediments,  relative  to  the  desorption  effectiveness  of  SO4,  nitrate  (NO3),  and  chloride.  It  is 
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generally  assumed  that  the  geoehemical  behavior  and  toxieity  of  Sb  is  similar  to  As  (Wilson  et 
al.,  2004;  Tighe  et  al.,  2005a,  b).  In  turn,  arsenate  behavior  is  similar  to  that  of  PO4. 

Concentration  of  porewater  As  has  been  shown  to  increase  in  the  presence  of  PO4  (Kaplan  and 
Knox,  2004).  This  increase  is  not  the  result  of  dissolution  of  minor  contaminants  in  the  PO4,  but 
a  result  of  competition  between  the  oxyanions,  PO4  and  arsenate.  Phosphate  amendments  can 
also  influence  contaminant  mobility  by  increasing  the  pH  of  soil  solution;  thereby,  potentially 
decreasing  the  retention  of  Sb(V).  Direct  evidence  of  the  influence  of  PO4  on  Sb  solubilization 
from  shooting  range  soil  was  reported  by  Spuller  et  al.  (2007).  They  observed  the  mobilization  of 
Sb  with  additions  of  Ca-  and  NH4-phosphates,  and  attributed  the  response  to  a  competitive 
displacement  process. 

The  state  of  Sb  in  Pb  munitions-contaminated  DoD  soils,  and  the  chemical  factors  affecting 
Sb  behavior,  can  be  hypothesized  from  information  available  in  the  scientific  literature.  Both 
thermodynamic  and  experimental  evidence  suggest  that  Sb  in  soil  exists  in  the  Sb(V)  oxidation 
state.  As  a  species,  Sb(V)  occurs  as  the  hydroxyanion,  Sb(OH)6“,  which  dominates  Sb(V) 
solution  chemistry  when  soil  solution  pH  is  greater  than  2.85.  This  aqueous  species  is  derived 
from  the  monoprotic,  weak  Lowry-Bronsted  acid,  Sb(OH)5‘^.  Because  Sb(OH)6~  is  a  weak  acid 
anion  (Sb(OH)5'^  is  a  weak  acid),  it  may  potentially  participate  in  both  inner-sphere  and  outer- 
sphere  surface  complexation  by  variable-charge  soil  minerals  (Fe-,  Mn-,  and  Al-oxyhydroxides). 
The  adsorption  edge  (adsorbed  Sb  versus  pH)  of  Sb(V)  by  variable-charge  minerals  (increasing 
retention  with  decreasing  pH)  suggests  that  inner-sphere  complexation  is  an  important  retention 
mechanism.  Similarly,  direct  spectroscopic  evidence  also  tends  to  support  this  conclusion.  It  has 
also  been  noted  that  the  soil  retention  of  Sb(V)  is  directly  correlated  to  the  Fe  oxyhydroxide 
content  of  soil,  and  that  the  surface-bound  Sb(V)  is  difficult  to  desorb,  particularly  from  acidic 
soil.  Phosphate  stabilization  of  Pb  in  munitions-affected  soil  tends  to  reduce  Sb(V)  adsorption, 
enhancing  mobility  and  bioaccessibility.  Because  PO4  is  strongly  retained  by  variable-charge 
minerals  by  inner-sphere  adsorption  mechanisms,  it  is  theorized  that  that  the  added  PO4  directly, 
and  effectively,  competes  with  Sb(V)  for  adsorption  sites.  However,  despite  the  available 
evidence,  knowledge  of  Sb(V)  behavior  in  complex  contaminated  soil  systems  remains  limited, 
and  the  ability  to  predict  the  mobility  and  bioaccessibility  of  Sb(V)  in  these  environments  has  yet 
to  be  demonstrated. 

The  rational  that  underlies  this  research  is  the  need  to  understand  the  processes  affecting  Sb 
adsorption  by  soil  minerals,  and  to  establish  the  ability  to  predict  Sb(V)  adsorption  in  the  absence 
or  presence  of  competing  ligands.  The  specific  objectives  of  this  research  are  to: 

1 .  Determine  the  mechanisms  and  thermodynamics  of  antimony  adsorption  by  hydrous 
aluminum,  iron,  and  manganese  oxyhydroxides  (gibbsite,  kaolinite,  goethite,  and 
bimessite)  as  a  function  of  ionic  environment,  pH,  temperature,  and  antimony 
concentrations. 

2.  Quantify  the  competitive  effects  of  phosphate  and  other  soil  anions  on  antimony 
adsorption. 

3.  Develop  and  evaluate  the  capability  of  chemical  models  to  predict  antimony  adsorption 
within  the  holistic  framework  of  a  complex  chemical  environment. 
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Materials  and  Methods 


Preparation  of  Solutions 

All  chemicals  used  were  of  analytical  grade  or  better,  and  the  solutions  were  prepared  using 
COi-free  Type-1  deionized  water  (18f2).  A  0.01  Mpotassium  hexahydrate  antimonate  stoek 
solution  was  prepared  from  solid  KSb(OH)6  (obtained  from  Sigma  Aldrieh).  Potassium 
phosphate  and  potassium  sulfate  stoek  solutions,  each  0.01  M,  were  prepared  from  salts  of 
KH2PO4  and  K2SO4.  Background  electrolyte  solutions  of  0.1  and  0.01  Mpotassium  nitrate  were 
prepared  from  solid  KNO3.  All  pH  adjustments  were  made  using  eertified  0.5,  0.1,  or  0.01  M 
solutions  of  nitric  acid  (HNO3)  and  potassium  hydroxide  (KOH). 

Analytical 

The  elemental  eontent  of  all  solutions  was  determined  with  a  Speetro  CIROS  inductively 
eoupled  argon  plasma- atomie  emission  spectrometer  (ICP-AES)  (Fitchburg,  MA)  using 
commercially  available  ICP  standards.  For  the  adsorption  edge  studies  the  solutions  were 
analyzed  for  Sb,  P,  and  S.  The  method  detection  limits  for  these  elements  ranged  from  0.01  to 
0.1  mg  F“\  depending  on  background  electrolyte  eomposition.  The  solutions  were  also  analyzed 
for  A1  (gibbsite  and  kaolinite  systems),  Fe  (goethite  systems),  and  Mn  (bimessite  systems)  to 
evaluate  mineral  dissolution  during  the  course  of  the  experiments.  The  quantities  of  soluble  Al, 
Fe,  and  Mn  found  in  the  equilibrium  solutions  were  either  at  or  below  method  deteetion  limits 
(0.01  mgF“'). 

The  pH  measurements  were  performed  under  C02-free  conditions  in  a  N2  glove  box.  All  pH 
measurements  were  obtained  using  an  Aceumet  Excel  XF  25  dual  channel  pH/ion  meter  (Fisher 
Seientifie,  Pittsburg,  PA)  and  a  Ross  Sure-Flow  combination  pH  electrode.  Calibration  of  the  pH 
eleetrode  was  performed  using  pH  4,  7,  and  10  commereially-available  buffers.  The  surface  area 
of  the  adsorbent  minerals  was  determined  by  5  point  Baunauer-Emmett-Teller  (BET)  N2 
adsorption  isotherms  using  a  Beekman  Coulter  SA3100  surfaee  area  analyzer  (Brea,  CA).  The 
partiele  size  distribution  of  the  adsorbents  was  determined  using  a  Beckman  Coulter  FS  13  320 
laser  diffraction  particle  size  analyzer  (Brea,  CA).  X-ray  diffraction  (XRD)  was  used  to  verify 
the  mineralogy  of  the  adsorbents.  The  XRD  patterns  were  generated  by  a  Bruker  AXS  D8 
Advance  with  K760  generator  (Madison,  WI)  using  Cu  Ka  radiation  and  a  Ni  filter.  The  XRD 
patterns  were  compared  to  Joint  Committee  on  Powder  Diffraetion  Standards  files  for  solids 
identification. 

Preparation  of  Solids 

Alumina  hydrate  (SF-4)  was  obtained  from  Alean  Chemieals  (Beaehwood,  OH).  X-ray 
diffraction  confirmed  that  the  composition  of  the  SF-4  was  monoelinic  gibbsite  without 
detectable  impurities  (Fig.  2).  The  gibbsite  was  treated  with  0.01  MNaOH  for  30  minutes  to 
remove  poorly  crystalline  Al(OH)3  (Sarkar  et  al,  1999).  The  treated  gibbsite  was  eentrifuge 
washed  with  Type-1  water  to  remove  NaOH;  this  proeess  was  repeated  until  the  suspension  pH 
was  approximately  7.  The  gibbsite  was  freeze-dried  and  stored  at  ambient  temperatures  (20- 
22°C). 
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A  well-crystallized  Georgia  kaolinite  (KGa-lb)  from  the  Source  Clays  Repository  of  The 
Clay  Minerals  Society  (West  Lafayette,  IN)  (Fig.  2)  was  prepared  using  the  method  from 
Mattigod  et  al.  (1985).  Kaolinite  was  suspended  in  Type-1  water  and  dispersed  in  a  blender  for 
45  minutes.  The  suspension  pH  was  increased  to  pH  9.5  with  0.1  MNaOH.  The  less  than  20  pm 
size  fraction  was  obtained  using  Stokes’  Law  sedimentation.  The  collected  size  fraction  was 
centrifuge  washed  with  Type-1  water  until  neutral  suspension  pH  was  obtained.  The  kaolinite 
was  freeze-dried  and  stored  at  ambient  temperatures. 

Goethite  (FeOOH)  was  synthesized  using  the  method  of  Schwertmann  and  Cornell  (2000). 

A  1.0  MFe(N03)3  solution  was  created  by  dissolving  anhydrous  Fe(N03)3  in  Type-1  water.  A 
100-mL  volume  of  1.0  MFe(N03)3  solution  was  placed  in  a  2-L  polyethylene  flask.  A  180-mL 
volume  of  5  MKOH  was  then  rapidly  added  with  vigorous  stirring,  yielding  a  red-brown 
precipitate.  The  solution  was  then  quickly  diluted  to  a  2-L  volume  using  Type-1  water  to  quench 
the  reaction.  The  flask  was  sealed  and  placed  in  a  70“C  oven  for  60  h.  The  precipitate  was  then 
washed  and  centrifuged  with  1  mMHCl  until  pH  5,  then  with  1  mMKN03  until  all  traces  of 
chloride  ion  were  removed  (determined  by  a  silver  nitrate  test).  The  goethite  was  stored  in  the  1 
mMKN03  suspension  at  ambient  temperature.  The  precipitate  was  determined  by  XRD  to  be 
goethite  (poorly  crystalline)  without  any  detectable  impurities  (Fig.  2). 

Bimessite  (b-MnOi)  was  synthesized  using  the  method  of  McKenzie  (1971).  A  1.0  M 
KMn04  solution  was  brought  to  a  boil.  To  this  was  slowly  added  165-mL  of  12.1  MHCl.  The 
suspension  was  boiled  for  an  additional  10  min  following  the  HCl  addition.  The  resulting 
precipitate  was  centrifuge  washed  with  1  mM  HCl  until  pH  5  was  obtained.  The  solid  was  then 
centrifuge  washed  with  1  mMKN03  until  all  traces  of  chloride  ion  were  removed  as  determined 
by  a  silver  nitrate  test.  The  solid  was  then  stored  in  the  1  mMKNOs  suspension  at  ambient 
temperature.  The  precipitate  was  determined  by  XRD  to  be  poorly  crystalline  bimessite  without 
any  detectable  impurities  (Fig.  2). 

The  specific  surface  area  and  particle  size  characteristics  of  the  solids  are  presented  in 
Table  1. 

Adsorption  Edge  Determinations 

Antimony(V)  adsorption  by  gibbsite  and  kaolinite  (=A10H  surface  functional  groups)  and 
goethite  (=FeOH  and  =Fe30H  surface  functional  groups)  was  examined  as  a  function  of  pH  and 
background  electrolyte  (KNO3)  concentration  (ionic  strength).  Adsorption  edge  experiments 
were  performed  in  duplicate  and  in  2-L  fiat  bottomed  water-jacketed  glass  reaction  vessels  with 
recirculating  water  held  at  a  constant  temperature  of  298  K  (25°C).  All  experiments  were 
conducted  in  a  C02-free  environment  in  a  N2  filled  glove  box  to  eliminate  the  influence  of  CO2. 
The  solid-to-solution  ratio  for  gibbsite  and  kaolinite  was  10  g  L“';  and  for  goethite  was  5  g  L“^ 
due  to  its  higher  adsorptive  capacity  (complete  removal  of  Sb(V)  from  the  equilibrating  solutions 
throughout  the  pH  range  studied  was  observed  when  goethite  was  used  at  10  g  L“').  The  minerals 
were  suspended  in  a  background  electrolyte  solution  of  either  10  or  100  mMKN03  with  aid  of  a 
Teflon-coated,  magnetic  stir  bar  and  mechanical  stir  plate.  Nitric  acid  was  employed  to  lower  the 
suspension  pH  to  3.5  and  was  allowed  to  fully  hydrate  overnight  in  an  N2  environment  to  insure 
CO2  removal.  After  a  minimum  15  h  equilibration,  the  suspension  pH  was  increased  to  pH  9.5 
with  additions  of  0.5  MKOH.  When  the  solution  pH  was  stable,  a  volume  of  the  adsorptive  10 
mMKSb(OH)6  was  added  to  yield  a  50  pmol  L“'  solution  of  Sb(V)  in  the  gibbsite  and  kaolinite 
systems,  and  a  500  pmol  L“'  solution  in  the  goethite  systems.  The  suspension  was  allowed  to 
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equilibrate  for  a  minimum  of  1  h  after  Sb(V)  introduetion  (preliminary  kinetic  studies  were 
employed  to  determine  the  required  equilibration  period).  Following  the  equilibration  period,  the 
solution  pH  was  recorded  and  a  15 -ml  aliquot  of  suspension  was  removed  with  a  polypropylene 
syringe.  The  sample  was  passed  through  a  0.45-pm  membrane  syringe  filter  and  stored  under 
refrigeration  in  a  15-ml  polypropylene  centrifuge  tube  for  analysis  by  ICP-AES.  Once  the  pH 
was  recorded  and  the  sample  removed,  an  aliquot  of  a  HNO3  solution  was  added  to  lower  the 
suspension  pH  by  approximately  0.2  pH  units.  The  suspension  was  again  equilibrated  at  the  new 
pH  value,  sampled,  and  the  pH  lowered.  This  process  was  repeated  until  a  suspension  pH  of 
approximately  3.5  was  achieved. 

Upon  the  completion  of  the  adsorption  experiment,  the  reversibility  of  the  adsorption 
process  (desorption)  was  investigated  by  incrementally  increasing  the  suspension  pH.  As  with 
the  adsorption  portion  of  the  experiment  (described  above),  the  pH  of  the  suspension  was 
increased  using  aliquots  of  a  KOH  solution  to  achieve  stepped  pH  changes  of  approximately  0.2 
pH  units.  At  each  step  the  pH  was  recorded  and  a  15-ml  suspension  aliquot  was  removed  with  a 
polypropylene  syringe.  The  suspension  was  passed  through  a  0.45  pm  membrane  syringe  filter 
and  stored  under  refrigeration  for  analysis.  Preliminary  kinetic  studies  indicated  that  an  8-h 
period  was  required  to  achieve  desorption  equilibrium  following  each  incremental  pH  change. 

All  adsorption-desorption  experiments  were  repeated  to  examine  SO4  and  PO4  retention 
behavior  using  an  aliquot  of  O.OIMK2SO4  or  KH2PO4  to  achieve  an  initial  50  pmol  L“'  solution 
adsorbate  concentrations  in  the  gibbsite  and  kaolinite  systems,  and  500  pmol  L“'  solution 
adsorbate  concentrations  in  the  goethite  systems.  The  concentration  of  adsorbed  Sb(V),  SO4,  or 
PO4  was  computed  as  the  difference  between  the  mass  of  ligand  added  and  the  mass  in  solution 
at  equilibrium,  divided  by  the  mass  of  solid. 

The  adsorption  of  Sb(V),  SO4,  and  PO4  by  birnessite  as  a  function  of  pH  and  ionic  strength 
was  investigated  using  a  batch  procedure.  All  studies  were  performed  in  duplicate,  with  a  blank 
(no  solid)  for  each  pH  increment.  Birnessite  suspensions  of  5  g  L“^  were  created  in  50-mL 
polypropylene  tubes  with  0.125-g  solid  and  25-mL  of  either  10  mM  or  100  mMKNOs. 

Birnessite  suspensions  were  prepared  in  an  N2-filled  glove  box  to  insure  a  C02-free  environment. 
To  achieve  a  pH  range  between  3.5  and  10,  each  tube  was  individually  adjusted  with  HNO3  or 
KOH.  The  tubes  were  then  shaken,  and  allowed  to  stabilize  for  30  min  before  volumes  of  either 
10  mMKSb(OH)6,  10  mMK2S04,  or  10  mMKH2P04  were  added  to  each  tube  to  yield  an  initial 
ligand  concentration  of  80  pmol  L“\  The  tubes  were  then  shaken  on  a  platform  shaker  for  24  h  at 
ambient  temperature  (20  to  22°C).  Following  the  equilibration,  the  tubes  were  returned  to  the 
C02-free,  N2  environment  for  pH  determinations  using  a  calibrated  (pH  4,  7,  and  10  buffers) 
combination  pH  electrode.  The  supernatant  was  removed  from  the  tubes  and  filtered  through  a 
0.20-pm  nylon  syringe  filter  and  analyzed  by  ICP-AES  for  total  Sb,  S,  or  P.  The  concentration  of 
adsorbed  Sb(V),  SO4,  or  PO4  was  computed  as  the  difference  between  the  mass  of  ligand  added 
and  the  mass  in  solution  at  equilibrium,  divided  by  the  mass  of  solid. 

Adsorption  Isotherm  Determinations 

The  adsorption  of  Sb(V)  by  gibbsite,  kaolinite,  and  goethite  was  determined  as  a  function  of 
Sb(V)  concentration,  pH  (pH  5.5  or  8),  and  temperature  (5,  15,  25,  or  35  ±  1°C).  Each  adsorption 
experiment  was  performed  in  duplicate.  All  adsorption  isotherm  studies  were  performed  in  1-E 
flat  bottomed  water  jacketed  glass  reaction  vessels  in  C02-free,  N2  environments.  Temperature 
control  was  achieved  using  a  recirculating  water  bath  that  continually  pumped  constant 
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temperature  water  through  the  jacket  of  the  glass  beaker.  Mineral  suspensions  were  prepared  in 
10  mMKNOs,  placed  in  the  reaction  vessel,  and  the  pH  initially  adjusted  with  additions  of  either 
HNO3  or  KOH.  The  solid-to-solution  ratios  for  the  suspensions  were  10  g  L“'  for  gibbsite  and 
kaolinite  and  5  g  L“'  for  goethite.  Each  mineral  suspension  system  was  paired  with  a  blank 
(mineral  free)  system,  otherwise  treated  identically  to  the  suspensions.  The  suspensions  were 
continuously  agitated  during  each  experiment  using  a  magnetic  stirring  bar. 

Following  the  initial  pH  adjustment,  the  mineral  suspension  and  blank  were  brought  to  the 
desired  temperature  and  allowed  to  equilibrate  for  16  h.  The  suspension  pH  was  then  readjusted 
as  needed  and  duplicate  15  mL  aliquots  where  removed  for  background  Sb(V)  analysis.  The  pH 
of  the  suspension  was  determined  using  a  Thermo  Orion  pH  meter  (Thermo  Fisher  Scientific, 
Waltham,  MA)  and  a  Thermo  Orion  Ross  Series  combination  electrode.  Calibration  of  the  pH 
electrode  was  performed  using  commercially  available  buffer  solutions  (pH  4,  7,  and  10  at  25°C 
with  an  accuracy  of  ±0.01  pH  units,  adjusted  for  temperature)  and  at  the  temperature  of  the 
study.  A  volume  of  10  mMKSb(OH)6  was  then  added  to  the  suspension  and  blank  to  achieve  the 
lowest  isotherm  initial  Sb  concentration  (Cm  value).  The  system  was  allowed  to  equilibrate  for  a 
2  h  period,  during  which  the  suspension  pH  was  constantly  monitored  and  adjusted  as  needed. 
Following  this  equilibration,  the  suspension  pH  was  recorded  and  duplicate  15  mF  aliquots  were 
removed,  passed  through  a  0.45-pm  membrane  syringe  filter,  and  analyzed  for  the  equilibrium 
Sb  concentration  (Ceq  value)  using  ICP-AES.  A  second  volume  of  10  mMKSb(OH)6  was  then 
added  to  the  suspension  and  blank  to  achieve  the  next  higher  isotherm  Qn  value.  The  system  was 
allowed  to  equilibrate  for  an  additional  2  h  period,  sampled,  fdtered,  and  analyzed  for  Sb  Ceq. 
The  Sb(V)  addition,  2  h  equilibration,  and  sampling  for  Ceq  was  repeated  to  achieve 
incrementally  higher  Cm  values  and  a  total  of  6  isotherm  points. 

Data  generated  from  the  blank  solutions  were  the  initial  concentrations  (Cin,  pmol  F~')  of 
Sb(V)  for  each  increment  of  Sb  addition,  and  from  the  suspensions  were  the  equilibrium  Sb(V) 
solution  concentrations  (Ceq,  pmol  F~^)  for  the  2  h  equilibrium  samples.  The  concentration  of 
adsorbed  Sb(V)  {q,  pmol  kg”')  was  determined  by  difference: 


q  = 


[1] 


where  F/  is  the  volume  of  the  suspension  and  is  the  mass  of  the  solid.  Adsorption  isotherms 
were  generated  by  plotting  q  vs.  Ceq  for  each  system  and  each  combination  of  pH  and 
temperature.  The  adsorption  data  were  also  evaluated  by  plotting  vs.  q,  where  (F  kg”')  is 
the  distribution  coefficient  (=  ^/Cgq). 

Adsorption  isotherms  are  empirically  described  by  mathematical  functions  (isotherm 
models)  whose  adjustable  parameters  are  generally  taken  to  have  physical  meaning.  The 
Freundlich  model  and  both  the  one-  and  two-site  Fangmuir  models  were  used  to  describe  the 
Sb(V)  adsorption  isotherms.  The  Freundlich  isotherm  model  is: 

q  =  [2] 


where  Tfp  and  N  are  positive-valued  adjustable  parameters  and  N  is  constrained  to  lie  between  0 
and  1 .  The  Freundlich  parameters  are  not  normally  interpreted  to  have  physical  meaning. 
However,  is  an  intensity  parameter,  as  it  is  numerically  equal  to  q  when  Cgq  is  unity,  and  N  is 
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a  measure  of  infleetion  in  the  eurve  that  fits  the  isotherm  data.  The  parameter  has  also  been 
shown  to  provide  a  measure  of  adsorption  site  heterogeneity  (Sposito,  1980).  As  N  approaehes  0, 
surfaee  site  heterogeneity  increases,  indicating  a  broad  distribution  of  adsorption  site  types. 
Conversely,  as  N  approaches  1 ,  the  surface  site  homogeneity  increases,  indicating  a  narrow 
distribution  of  adsorption  site  types.  Equation  [2]  may  be  rearranged  into  a  linear  function; 

log^  =  log.Ap +AlogC,q  [3] 


where  a  plot  of  log  q  versus  log  Cgq  will  be  linear  if  the  Freundlich  model  describes  the 
adsorption  data.  The  Freundlich  parameters,  and  N,  were  obtained  using  linear  regression 
analysis  of  log  q  vs.  log  Ceq  plots  and  Eq.  [3]. 

The  one-site  Fangmuir  isotherm  model  is: 


l  +  ^rQq 


[4] 


which  may  be  rearranged  to  generate  an  alternate  Fangmuir  equation: 
K,=bK^-qK^ 


[5] 


A  plot  of  Ad  versus  q  will  be  linear  if  the  Fangmuir  model  describes  the  adsorption  data.  In  Eqs. 
[4]  and  [5],  b  is  described  as  the  adsorption  maxima  (in  units  of  q),  and  Al  is  the  Fangmuir 
constant  (in  units  of  inverse  Ceq)  (Essington,  2003).  The  Fangmuir  isotherm  parameters,  Al  and 
b  were  obtained  using  the  linear  regression  analysis  of  Ad  vs.  q  plots  and  Eq.  [5]. 

As  the  equilibrium  solution  becomes  infinitely  dilute  in  the  adsorptive  (as  the  surface  excess 
of  an  adsorbate  approaches  zero),  the  Fangmuir  equation  reduces  to  a  linear  isotherm: 

limo  =  A,,C,q  [6] 

Cgq— 


where  Aad  is  the  adsorption  constant  (Aad  =  bKi),  or  the  Henry’s  Faw  constant  when  gas 
adsorption  is  considered  (Kinniburgh,  1986).  Under  the  limiting  conditions  of  infinite  dilution 
(Eq.  [6]),  the  solution  and  adsorbed  phases  are  effectively  in  their  infinite  dilution  reference 
states,  and  Aad  may  be  viewed  as  a  true  equilibrium  constant  for  the  adsorption  reaction  (Journey 
et  ah,  2010). 

The  two-site  Fangmuir  isotherm  model  is: 


b^K£^^b^K£^ 
l  +  A.Q,  1  +  A,Q^ 


[V] 


where  b\  and  62  are  described  as  the  adsorption  maxima  (in  units  of  q)  of  site  types  1  and  2,  and 
Al  and  A2  are  the  associated  Fangmuir  constants  (Essington,  2003).  In  this  formulation,  site  type 
1  may  be  viewed  as  a  high  intensity-low  capacity  site,  while  site  type  2  is  a  low  intensity-high 
capacity  site.  The  Fangmuir  isotherm  parameters,  Ai  and  hi,  and  A2  and  62,  were  obtained  using 
the  linear  regression  analysis  of  q  vs.  Ad  plots  and  the  interpolation  procedure  of  Sposito  (1982). 
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As  the  equilibrium  solution  becomes  infinitely  dilute  in  the  adsorptive  (as  the  surface  excess  of 
an  adsorbate  approaches  zero),  the  Langmuir  equation  reduces  to  a  linear  isotherm  with 
contributions  from  both  adsorption  site  types: 

lim^=^adlQq  +^ad2Qq  [8] 


where  ifadi  and  A'ad2  are  the  adsorption  constants  for  site  types  1  and  2,  representing  the  true 
equilibrium  constant  for  the  adsorption  reaction  at  each  site. 

For  each  isotherm,  the  T  of  the  adsorption  study,  and  the  values  of  K^d,  or  K^d\  and  K^di, 
determined  from  the  Langmuir  equation  were  used,  in  conjunction  with  the  van’t  Hoff  equation 
(Essington,  2003),  to  determine  the  enthalpy  (A//ad)  and  entropy  (A^ad)  of  adsorption: 

Inif^,  +  [9] 

RT  R 

where  R  is  the  molar  gas  constant  (8.314  J  K“*  moL^),  and  T  is  the  temperature  (K).  The  van’t 
Hoff  equation  assumes  that  A//ad  and  AS'ad  are  constant  and  independent  of  T  (Essington  et  ah, 
2004);  therefore,  the  variation  in  as  a  function  of  T  may  be  used  to  compute  A//ad  and  A^ad. 
Enthalpy  values  for  each  system  were  determined  by  linear  plots  of  In  K^a  vs.  T~'  according  to 
Eq.  [9],  where  (-A//ad/f?)  is  the  slope  and  (A^ad/f?)  is  the  intercept. 

The  sign  and  magnitude  of  A//ad  was  used  to  provide  information  about  the  adsorption 
reaction  (the  heat  of  the  reaction  and  the  driving  force)  and  the  mechanism  of  Sb(V)  retention 
(Journey  et  ah,  2010).  If  A//ad  is  large  and  positive,  inner-sphere  complexation  is  inferred. 
However,  if  A//ad  is  small  and  positive,  or  negative,  outer-sphere  complexation  is  inferred. 
Positive  A//ad  values  are  indicative  of  endothermic  reactions,  where  adsorption  K^a  values 
increase  with  increasing  temperature.  Endothermic  reactions  are  generally  thought  to  indicate 
inner-sphere  adsorption  mechanisms.  Inner-sphere  complexation  requires  the  formation  of 
covalent  bond  character,  which  requires  energy.  At  higher  temperatures,  inner-sphere 
complexation  is  supported  by  “excited”  ions  in  solution  that  provide  energy  for  covalent  bond 
formation.  Conversely,  negative  IsH^a  values  are  indicative  of  exothermic  reactions,  where 
adsorption  ifad  values  decrease  with  increasing  temperature.  Exothermic  reactions  indicate  ion 
exchange  (outer-sphere  complexation).  Outer-sphere  complexation  requires  the  formation  of 
weak  electrostatic  bonds  that  require  ions  to  exist  in  close  proximity  to  one  another  on  the 
surface.  As  temperatures  increase,  ions  in  solution  become  more  mobile;  therefore,  electrostatic 
bond  formation  decreases. 

The  Gibb’s  free  energy  of  formation  (A Gad)  is  a  measure  of  the  substance’s  ability  to  react 
and  the  extent  of  the  reaction.  The  AGad  is  determined  by 

^G^,=-RT\nK^,  [10] 

or 

[11] 
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At  constant  temperature  and  pressure,  negative  AGad  values  indieate  that  the  adsorption  reaction 
is  spontaneous  and  irreversible,  while  positive  AGad  values  indieate  that  energy  must  be  supplied 
in  order  for  the  reaetion  to  proeeed. 

The  driving  force  of  the  Sb(V)  adsorption  reaetion  was  determined  using  the  ASad  and  A//ad 
values  that  were  computed  from  the  methods  described  above.  As  seen  in  Eq.  [1 1],  the  degree  to 
whieh  lA^ad  contributes  to  the  AGad  value  of  the  reaetion  determines  the  driving  force  of  the 
reaetion.  Spontaneous,  endothermie  reaetions  would  require  a  large  positive  value  for  TAS^d, 
resulting  in  a  negative  AGad.  In  general,  reaetions  in  which  TASad  is  a  large  contributor  to  AGad 
are  said  to  be  entropieally  driven  (i.e.,  adsorb  heat)  and  characteristic  of  endothermic  (inner- 
sphere  surfaee  complexation)  reactions.  Reactions  in  which  AHad  is  a  large  contributor  to  AGad 
are  said  to  be  enthalpically  driven  (i.e.,  release  heat)  and  charaeteristie  of  exothermie 
(eleetrostatic)  reactions. 

Proton  Adsorption  and  Zeta  Potential 

The  region  between  the  mineral  surface  and  the  bulk  solution  is  called  the  solid-solution 
interfaee,  and  eonsists  of  various  layers  of  eharge  density  (Essington,  2003).  The  total  net  surface 
charge  density  on  a  partiele  (Op)  is  (Sposito,  1981): 

Op  Os  "I"  Ofj  Ois  Oqs  Od  [12] 

where  Os  is  the  permanent  struetural  charge  density,  oh  is  the  proton  surfaee  eharge  resulting 
from  the  specific  adsorption  of  proton  and  hydroxyl  ions,  Ois  is  the  inner-sphere  eharge  resulting 
from  specific  ion  adsorption,  Oos  is  the  outer-sphere  charge  resulting  from  non-specific  ion 
adsorption,  and  Od  is  the  eounterion  diffuse  ion  swarm  eharge  that  exaetly  balanees  Op. 
Antimony(V)  adsorption  meehanisms,  outer-  vs.  inner-sphere  eomplexation,  may  be  direetly 
determined  through  eleetrokinetie  experiments,  and  indirectly  by  potentiometric  titrations. 

Electrokinetic  experiments  measure  the  eleetrie  double  layer  potential  at  the  shear  plane 
between  the  solid  and  the  bulk  solution.  This  eleetrie  potential  is  known  as  the  zeta  potential  (Q. 
The  ^-potential  is  assumed  to  approximate  the  diffuse  double  layer  potential  (Goldberg  et  ah, 
2012).  To  measure  the  ^-potential,  the  movement  of  a  suspended  charged  particle  is  traeked 
under  an  applied  electric  field.  The  mobility  of  the  particle  is  measured  as  electrophoretie 
mobility,  whieh  is  related  to  ^  by  the  Smoluehowski  equation: 

[13] 

h 

where  \ie  is  the  eleetrophoretie  mobility  (microns  sec”'  per  volt  cm”'),  s  is  the  dielectrie  eonstant 
of  solution,  ^  is  the  zeta  potential  (mV),  and  p  is  the  viseosity  of  the  suspending  liquid  (poises). 
The  electrophoretie  mobility  of  a  partiele  within  an  indifferent  electrolyte  will  refleet  the  surface 
eharge  created  by  proton  adsorption  and  desorption  on  mineral  surface  functional  groups  (in  the 
absence  of  partiele  eharge  from  of  isomorphie  substitution),  as  well  as  Oos  charge  derived  from 
the  retention  of  the  indifferent  eleetrolyte.  When  a  ligand  other  than  the  indifferent  electrolyte  is 
present,  eleetrophoretie  mobility  will  refleet  the  adsorption  meehanism.  Adsorption  of  an  anionic 
ligand  in  the  is-plane  will  decrease  \ie,  while  adsorption  of  the  ligand  in  the  os-plane  will  not 
affeet  p^,  relative  to  the  indifferent  eleetrolyte.  The  electrophoretie  mobility  of  a  partiele  is  also 
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influenced  by  ionic  strength.  Increased  concentrations  of  electrolyte  in  the  oa  plane  tend  to  shield 
the  particle  charge,  decreasing  the  extent  of  charge  influence  in  the  solid-solution  interface  and 
decrease  the  response  (particle  movement)  in  an  electric  field  (Yu,  1997). 

Potentiometric  titrations  may  be  employed  to  indirectly  characterize  ligand  adsorption 
mechanisms.  Potentiometric  titrations  measure  variation  in  oh  as  a  function  of  pH  by  quantifying 
protonation  and  deprotonation  reactions  on  surface  functional  groups.  Variations  in  oh  are 
determined  by  measuring  proton  concentration  without  the  solid  (blank)  and  measuring  proton 
concentration  when  the  solid  is  present,  the  difference  is  considered  adsorbed  proton  per  mass  of 
solid  (gh  in  mmof  kg“').  When  an  adsorbed  ligand  is  present  (in  addition  to  the  background 
electrolyte),  the  proton  adsorption  characteristics  can  be  used  to  infer  the  ligand  adsorption 
mechanism.  Adsorption  of  a  anionic  ligand  in  the  is-plane  will  increase  gh  in  response  to  the 
addition  of  intrinsic  negative  surface  charge  (decreasing  Ois),  while  adsorption  of  a  ligand  in  the 
os-plane  will  not  have  an  effect  on  Q\,.  Potentiometric  titrations  are  used  to  indirectly  measure 
adsorption  because  the  initial  protonation  status  of  surface  functional  groups  is  unknown 
(Sposito,  2004);  only  changes  in  Qa  are  quantified.  Specific  adsorption  of  a  ligand  in  the  is-plane 
will  also  displace  water  and  hydroxyl  ions  from  surface  functional  groups  influencing  oh- 
Further,  the  influence  of  an  anionic  ligand  extends  out  from  the  surface  and  into  the  solid- 
solution  interface,  requiring  additional  protons  to  satisfy  the  charge,  thus  increasing  gh- 

Electrophoretic  mobility  and  potentiometric  titrations  provide  the  evidence  necessary  to 
identify  ligand  adsorption  mechanisms.  In  addition  to  variations  in  and  gh,  points  of  zero 
charge  (pHpzc)  and  common  intersection  points  (CIP)  of  potentiometric  titration  curves  obtained 
under  differing  ionic  strength  conditions  may  also  indicate  ligand  retention  mechanisms.  When 
the  electrophoretic  mobility  of  a  particle  is  zero,  this  is  the  point  of  zero  charge:  the  pH  at  which 
the  concentrations  of  negative  and  positive  functional  groups  on  a  mineral  surface  are  equal 
(Goldberg  et  ah,  2012).  When  determined  by  electrophoretic  mobility,  the  point  of  zero  charge  is 
known  as  the  isoelectric  point  (lEP)  (Appel  et  ah,  2003).  Eigand  adsorption  occurring  in  the  is- 
plane  will  decrease  the  number  of  positive  surface  sites,  shifting  the  point  of  zero  charge  (pHpzc) 
to  lower  values  (Goldberg  and  Kabengi,  2010).  In  a  potentiometric  titration,  a  CIP  will  occur 
when  proton  adsorption  curves  of  varying  ionic  strength  cross  at  a  common  pH.  When  the 
electrolytes  are  indifferent,  the  CIP  is  the  point  of  zero  salt  effect  (pHpzse)  and  is  equal  to  the 
pHpzc  (Avena  et  ah,  1998;  Appel  et  ah,  2003).  However,  when  the  specific  adsorption  of  a  ligand 
occurs,  pHpzse  is  not  equal  to  the  pHpzc  (Sposito,  2004). 

Batch  proton  adsorption  studies  were  performed  to  examine  the  charging  characteristics  of 
gibbsite,  kaolinite,  goethite,  and  bimessite  in  the  presence  of  background  electrolyte  (KNO3),  or 
adsorbed  Sb(V),  SO4,  or  PO4.  The  proton  adsorption  studies  were  conducted  in  50-ml 
polypropylene  tubes  containing  0.25-g  of  gibbsite  or  kaolinite,  or  0.125-g  of  goethite  or 
bimessite.  After  a  suspension  containing  the  solids  was  placed  in  the  tubes,  the  tubes  were  placed 
in  a  N2-tilled  glove  box  to  ensure  a  COi-free  environment.  A  25-ml  volume  of  a  swamping 
electrolyte  was  then  added  to  each  tube,  yielding  a  solid-to-solution  ratio  of  10  g  E“'  for  gibbsite 
and  kaolinite,  or  5  g  E“^  for  goethite  and  bimessite.  The  swamping  electrolyte  solutions  were:  10 
mMor  100  mMKNOs;  10  mMKSb(OH)6;  10  mMK2S04;  10  mMKH2P04;  10  mMKNOs  with 
10  mMKSb(OH)6  or  10  mMK2S04  or  10  mMKH2P04;  and  100  mMKNOs  with  10  mM 
KSb(OH)6  or  10  mMK2S04  or  10  mMKH2P04.  The  suspension  pH  was  adjusted  in  each  tube 
individually  with  0.005  ml  to  0.15  ml  aliquots  of  HNO3  or  KOH  to  achieve  a  pH  range  between 
3.5  and  10.  Blank  tubes  were  prepared  without  solid  under  otherwise  identical  conditions.  After 
pH  adjustments  were  made,  the  tubes  were  capped  and  placed  on  a  platform  shaker  for  a  2  h 
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equilibration  at  ambient  temperature  (20  to  22°C).  After  equilibration,  the  solid  and  solution 
phases  were  separated  by  eentrifugation  and  the  tubes  were  plaeed  baek  into  the  COi-free,  N2 
environment.  The  supernatant  of  eaeh  tube  was  analyzed  for  pH  with  a  Ross  Sure-Flow 
eombination  eleetrode. 

The  variation  in  added  aeid  or  base  eoneentration  (total  hydrogen,  TOTH  =  [H^]  -  [OH“]; 
the  free  proton  minus  the  free  hydroxide  eoneentrations)  as  a  funetion  of  pH  in  the  systems 
eontaining  NO3,  Sb(V),  or  SO4  in  the  absenee  of  solid  was  fitted  to  an  equation  of  the  form: 

TOTH  =  a  X 10  -  b  x  10  +  c  x  pH  +  J  [14] 

For  systems  eontaining  PO4,  the  TOTH  relationship  was: 

TOTH  =  axlO  P'^-hxlO^^’' P^^+cx-;^ - ^ - ^  +  jxpH  +  e  [15] 

where  pAa  is  the  aeid  dissoeiation  eonstant  for  the  H2PO4  to  HPO4  reaetion.  In  Eqs.  [14]  and 
[15]  the  adjustable  paramters  (a  through  e)  take  into  aeeount  the  ionie  dissoeiation  produet  of 
water  {K„),  the  proton  aetivity  eoeffieient,  and  the  eleetrode  liquid-junetion  potential.  The 
eoneentration  of  adsorbed  proton  {Qh),  also  termed  the  apparent  net  proton  surfaee  eharge,  is 
eomputed  by  subtraeting  the  fitted  blank  (Eqs.  [14]  or  [15])  from  the  suspension  titration  data: 

a=k-c,-([H"]-[OH-])]x-^  [16] 

Ms 

where  ca  is  the  eoneentration  of  strong  aeid  in  the  suspension,  cb  is  the  eoneentration  of  strong 
base,  V  is  the  suspension  volume,  and  ms  is  the  mass  of  solid.  In  the  absenee  of  struetural  eharge 
(a  valid  assumption  for  the  minerals),  Qh  ean  be  aseribed  to  represent  the  surfaee  eharge  of  the 
mineral. 

Surfaee  eharging  eharaeteristies  of  gibbsite,  kaolinite,  goethite,  and  bimessite  in  various 
swamping  eleetrolytes  was  also  determined  by  mieroeleetrophoresis  using  the  Zeta-Meter 
System  4.0  (Zeta  Meter,  Staunton,  VA).  The  suspensions  for  testing  were  prepared  in  50-ml 
polypropylene  tubes.  After  a  volume  of  mineral  suspension  (gibbsite,  kaolinite,  goethite,  or 
bimessite)  was  plaeed  into  the  tubes,  the  tubes  were  plaeed  in  a  N2-filled  glove  box  to  ensure  a 
C02-free  environment.  A  volume  of  a  swamping  eleetrolyte  was  added  to  eaeh  tube  to  yield  a 
solid-to-solution  ratio  of  0.2  g  L“^  for  gibbsite  and  kaolinite,  and  0.15  g  E“^  for  goethite  and 
bimessite.  The  suspension  pH  was  adjusted  in  eaeh  tube  individually  with  HNO3  or  KOH  in 
order  to  aehieve  a  pH  range  between  3.5  and  10.  The  tubes  were  removed  from  the  glove  box 
and  shaken  for  24  h  to  reaeh  equilibrium  at  ambient  temperature  (20  to  22°C).  The  tubes  were 
plaeed  baek  into  the  C02-free,  N2  environment  for  pH  determinations  using  a  ealibrated  (pH  4,  7, 
and  10  buffers)  eombination  pH  eleetrode.  Suspensions  were  then  manually  loaded  into  a  GT-2 
eleetrophoresis  eell  aeeording  to  the  Zeta-Meter  4.0  operating  instmetions.  A  minimum  of  10 
partieles  were  traeked  aeross  a  single  seale  of  division  for  eaeh  suspension.  An  average  Q 
potential  (mV)  reading  was  reeorded  for  eaeh  suspension.  The  Zeta-Meter  4.0  unit  automatieally 
ealeulated  the  zeta  potential  in  millivolts  for  aqueous  systems  using  the  Smoluehowski  equation 
Eq.  [13].  Zeta  potential  was  then  plotted  as  a  funetion  of  pH.  The  impaet  of  NO3,  Sb(V),  SO4, 
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and  PO4  on  ^-potential  was  determined  by  varying  the  swamping  baekground  electrolyte 
compositions  to  include  KSb(OH)6,  K2SO4,  and  KH2PO4.  The  swamping  electrolytes  used  were: 
10  mMKNOs;  100  mMKNOs;  10  mMKSb(OH)6;  10  mMK2S04;  10  mMKH2P04;  10  mM 
KNO3  with  10  mMKSb(OH)6,  or  10  mMK2S04,  or  10  mMKH2P04;  100  mMKNOs  with  10 
mMKSb(OH)6,  or  10  mMK2S04,  or  10  mMKH2P04. 

Competitive  Antimony(V),  Sulfate,  and  Phosphate  Adsorption 

A  series  of  adsorption  edge  studies  was  performed  to  investigate  the  competitive  effects  of 
PO4  and  SO4  on  Sb(V)  retention  by  gibbsite,  kaolinite,  goethite,  and  birnessite.  The  batch 
adsorption  studies  were  conducted  in  50-ml  polypropylene  tubes  containing  0.25-g  of  gibbsite  or 
kaolinite,  or  0.125  g  of  goethite  or  birnessite.  After  the  solids  were  placed  in  the  tubes,  the  tubes 
were  placed  in  a  N2-filled  glove  box  to  ensure  a  C02-free  environment.  A  25-ml  volume  of  the 
background  electrolyte  (10  mM  or  100  mMKNOs)  was  added  to  each  tube,  yielding  the  solid-to- 
solution  ratios  of  10  g  L“^  or  5  g  L“^  The  suspension  pH  was  adjusted  in  each  tube  individually 
with  aliquots  of  HNO3  or  KOH  to  achieve  a  pH  range  between  3.5  and  9.5.  After  pH  adjustments 
were  made,  the  tubes  were  capped  and  shaken  by  hand  and  the  pH  was  allowed  to  stabilize. 

Upon  equilibration,  an  appropriate  volume  of  the  adsorptive  solution  (10  mMKSb(OH)6,  10  mM 
K2SO4,  or  10  mMKH2P04)  was  added  to  the  suspension  to  achieve  initial  concentrations  of  50 
pmol  L“'  for  gibbsite  and  kaolinite;  500  pmol  L“'  for  goethite;  or  80  pmol  L“'  for  birnessite.  The 
tubes  were  then  recapped  and  sealed  while  in  the  C02-free  environment  and  placed  on  a  platform 
shaker  for  a  minimum  of  12  hours  at  ambient  temperature  (20  to  22°C).  After  equilibration,  the 
solid  and  solution  phases  were  separated  by  centrifugation.  Before  sampling  the  supernatant 
solution,  the  tubes  were  placed  back  into  the  C02-free,  N2  environment.  The  supernatant  of  each 
tube  was  analyzed  for  pH  with  a  Ross  Sure-Flow  combination  electrode,  and  then  filtered 
through  a  0.45-pm  or  0.20-pm  nylon  syringe  filter.  All  samples  were  refrigerated  until  analyzed 
by  ICP-AES. 

The  batch  adsorption  edge  studies  employed  four  scenarios  of  introducing  the  adsorptives  to 
the  solids.  In  the  first  scenario,  adsorption  was  investigated  in  single  adsorptive  systems 
involving  singular  additions  of  Sb(V),  SO4,  or  PO4,  followed  by  a  12  h  equilibration.  The  second 
scenario  involved  the  initial  12  h  adsorption  equilibration  of  Sb(V),  followed  by  the  additions  of 
either  SO4  or  PO4  and  an  additional  12  h  equilibration.  The  third  scenario  involved  the  initial 
adsorption  of  either  SO4  or  PO4,  followed  by  the  addition  of  Sb(V).  The  fourth  scenario  involved 
the  simultaneous  additions  of  either  Sb(V)  and  SO4,  or  Sb(V)  and  PO4,  and  a  12  h  equilibration. 

The  initial  concentrations  of  Sb(V),  PO4,  and  SO4  were  determined  in  each  adsorptive 
system  through  the  analysis  of  control  samples  (no  solid).  The  difference  between  the  initial 
mass  of  ligand  added  to  each  tube  and  the  equilibrium  suspension  mass  of  the  ligands  was 
defined  as  the  adsorbed  concentration  (Eq.  [1]).  Adsorption  edge  plots  (%  adsorbed  vs.  pH)  were 
then  created. 

Surface  Complexation  Modeling  of  Antimony(V),  Sulfate,  and  Phosphate  Adsorption 

Adsorption  is  but  one  of  many  chemical  processes  occurring  in  natural  environments  that 
distribute  matter  between  various  species  within  and  between  the  solid,  solution,  and  gaseous 
phases.  Eor  environments  at  equilibrium,  tools  are  available  to  predict  these  chemical  processes 
(e.g.,  aqueous  speciation  and  mineral  precipitation).  Eor  ligands,  such  as  antimonate,  a 
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mechanistic  prediction  of  adsorption  by  variable-charge  surfaces  can  be  achieved  through  the 
theoretical  and  thermodynamic  framework  of  surface  complexation  models.  Surface 
complexation  models  (SCMs)  evolved  in  the  1970s  (Davis  et  ah,  1978)  and  are  used  to  take  into 
account  the  molecular  features  of  adsorption  and  to  aid  in  the  indirect  identification  of  specific 
surface  species,  chemical  reactions,  and  charge  balance  at  the  solid-solution  interface  (Goldberg, 
1992;  Sposito,  2004).  Further,  if  a  mechanism  of  retention  is  known,  an  SCM  can  be  employed 
to  determine  the  specific  equilibrium  constant  for  the  adsorption  reaction. 

There  are  several  SCMs  that  can  be  applied  to  predict  surface  complexation,  each  differing 
on  how  they  conceptualize  the  solid-solution  interface  (e.g.,  where  adsorption  occurs,  how 
surface  electrostatics  are  considered)  and  in  the  number  and  types  of  required  parameters 
(Goldberg  and  Criscenti,  2008).  However,  there  exists  a  set  of  fundamental  concepts,  or 
assumptions,  to  which  all  models  adhere:  adsorption  takes  place  at  one  or  more  well-defined 
surface  functional  groups;  a  total  concentration  of  sites  for  each  type  of  surface  functional  group 
can  be  determined;  and  that  a  free  energy  of  adsorption  (AG°ads)  can  be  defined  for  each 
adsorption  reaction  (Essington,  2003).  Mathematically,  this  is  the  sum  of  the  intrinsic  and 
coulombic  free  energy  terms  (AG°ads  =  AG°int  +  AG°coui)-  Correspondingly,  the  adsorption 
constant  for  a  specified  adsorption  reaction,  Tfads,  is  a  product  of  the  intrinsic  (7f‘"*)  and  coulombic 
(^coui)  constants:  Tfads  =  For  example,  consider  the  protolysis  reaction  that  occurs  at  a 

singly-coordinated  surface  functional  group  on  a  hydrous  metal  oxide,  where  S  represents  the 
metal:  =5'0H'^  +  =  =5'OH2^.  The  adsorption  constant  for  this  reaction  is: 


K 


+ 


[=  AOH“](H^) 


[17] 


where  the  brackets  represent  concentrations  and  the  parentheses  activities.  The  coulombic 
constant,  Tfcoui,  is  defined  as: 


K 


coul 


=  exp 

V 


RT 


[18] 


where  F  is  the  Faraday  constant,  AZ  is  the  net  change  in  surface  charge  due  to  adsorption,  )//(o)  is 
the  surface  potential  relative  to  the  reference  potential  of  zero  in  the  bulk  solution,  R  is  the 
natural  gas  constant,  and  T  is  temperature  (in  Kelvin).  Substituting  for  Kcoui  and  rearranging 
yields 


[=50H)] 

[=AOH“](H^) 


exp 

V 


Fy/^ 


(0) 


RT 


[19] 


with  AZ  =  1  for  the  surface  protolysis  reaction.  The  intrinsic  equilibrium  constant,  is  a  true 
equilibrium  constant  that  is  independent  of  the  composition  of  the  adsorbed  phase  at  a  fixed  ionic 
strength.  Thus,  it  may  be  used  to  describe  an  adsorption  process  in  any  environment  having  an 
ionic  strength  similar  to  the  one  in  which  was  determined. 

The  SCM  selected  to  describe  Sb(V)  (as  well  as  phosphate  and  sulfate)  adsorption  by 
gibbsite,  kaolinite,  goethite,  and  bimessite  was  the  2-pKa  formulation  of  the  triple  layer  model 
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(TLM)  (Fig.  3).  The  protonation  and  deprotonation  of  surfaee  funetional  groups  is  deseribed  by 
two  reaetions  with  eorresponding  pifa  values  (2-pifa  formulation).  The  TLM  allows  for  both 
inner-  and  outer-sphere  adsorption  of  metal  and  ligand  species,  and  the  outer-sphere 
complexation  of  counter  ions  (K^  and  NOs”).  The  model  treats  the  solid-solution  interface  as 
composed  of  two  layers  of  constant  capacitance  enveloped  by  a  third,  diffuse  layer  (Fig.  3) 
(Essington,  2003).  The  surface  potential  of  each  plane  is  given  by: 

[20] 


ros)  =  -(8^27SoS)“^  sinh 


2RT 


[21] 


where  C\  and  C2  are  the  inner  and  outer  layer  capacitances,  /  is  the  ionic  strength,  so  is  the 
permittivity  of  vacuum,  and  s  is  the  dielectric  constant  of  water.  The  TLM  uses  measured  or 
experimentally  estimated  surface  parameters  for  the  adsorbents  and  intrinsic  equilibrium 
constants  for  surface  reactions. 

The  TLM  formulation  of  the  2-pifa  SCM  coupled  with  the  q  vs.  pH  adsorption  edge  data 
were  used  to  develop  a  chemical  model  that  described  Sb(V),  phosphate,  and  sulfate  adsorption 
by  gibbsite,  kaolinite,  goethite,  and  birnessite.  The  SCM  computations  were  conducted  using 
LITEQL  4.0  software  (Herbelin  and  Westall,  1999).  LITEQL  4.0  is  a  computer  program  that 
combines  a  nonlinear  least-squares  fitting  routine  with  a  chemical  model  that  describes  aqueous 
speciation  and  adsorption.  The  SCM  requires  a  set  of  fixed  parameters:  values  for  surface 
parameters  of  the  adsorbents  (e.g.,  specific  surface,  site  density,  and  capacitances),  formation 
constants  for  all  aqueous  species,  and  intrinsic  equilibrium  constants  that  describe  surface 
hydrolysis  and  background  electrolyte  adsorption.  These  values  were  obtained  from  literature 
sources,  or  were  directly  measured.  The  adsorbent  surface  parameters  used  in  the  application  of 
the  TLM  are  presented  in  Table  1.  Surface  pro  to  lysis  constants  (describing  the  formation  of 
=S'0H2^  and  ^SO~),  constants  describing  the  outer-sphere  complexation  of  the  background 
electrolyte  (=S'0H2^-N03~  and  =5'0~-K^),  and  the  equilibrium  constants  for  the  relevant  aqueous 
speciation  reactions  are  listed  in  Table  2. 

The  following  surface  complexation  reactions  where  considered  for  describing  Sb(V) 


adsorption: 

=50H°  +  H+  =  =50H2^ 

[22] 

=  =SO~  + 

[23] 

+  K+  =  =SO~  -  K+  +  H+ 

[24] 

+  NOs"  =  =S0B.2"  -  NOs" 

[25] 

=50H°  +  +  Sb(OH)6“  =  =50H2^  -  Sb(OH)6“ 

[26] 

^SOif  +  +  Sb(OH)6“  =  =50HSb(0H)5°  +  H2O 

[27] 

+  Sb(OH)6“  =  =50Sb(0H)5“  +  H2O 

[28] 
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2=50H°  +  Sb(0H)6“  =  (=50)2Sb(0H)4“  +  2H2O  [29] 

where  =5'0H'^  represents  a  singly-eoordinated,  reaetive  surfaee  hydroxyl  site  bound  to  metal  ion 
S  on  the  mineral  surfaees  (S'  =  Al^^  on  gibbsite  and  kaolinite;  Fe^^  on  goethite;  or  Mn"^^  on 
birnessite).  Equations  [22]  and  [23]  represent  the  surfaee  protonation  and  deprotonation  reactions 
that  are  responsible  for  the  development  of  intrinsic  surface  charge.  The  outer-sphere  surface 
complexation  of  ions  from  the  background  electrolyte  is  described  in  Eqs.  [24]  and  [25].  The 
outer-sphere  retention  of  Sb(V)  is  described  by  Eq.  [26],  where  a  water  molecule  (not  shown)  is 
present  between  the  surface  function  group  and  adsorbed  Sb(OH)6~.  Equations  [27]  and  [28] 
describe  the  monodentate -mononuclear  inner-sphere  surface  complexation  of  Sb(V)  where  no 
water  is  present  between  the  surface  function  group  and  adsorbed  Sb(OH)6“.  Equation  [29] 
describes  the  bidentate-binuclear  inner-sphere  surface  complexation  of  Sb(V).  The  location  of 
the  various  adsorbed  species  on  the  mineral  surfaces  is  depicted  in  Eig.  3. 

The  intrinsic  equilibrium  constants  for  the  surface  complexation  reactions  are: 
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K. 


int,  is3 


[(^50),Sb(0H),] 

0n2, 


sb(OH),  [=50H°]"(Sb(OH);) 


-exp 


-F¥, 


(0) 


V  RT  J 


[30] 

[31] 

[32] 

[33] 

[34] 

[35] 

[36] 

[37] 


The  total  number  of  surface  functional  groups  (mass  balance)  is: 
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[=50H]t  =  [=50H°]  +  [=50H2^]  +  [=S0-]  +  [=S0-  -  K+]  +  [=50H2^  -  NOs"] 

+  [=50H2^  -  Sb(OH)6l  +  [=50HSb(0H)5°]  +  [=50Sb(0H)5l 
+  2[(=50)2Sb(0H)4“]  [38] 

_2 

which  is  also  related  to  the  surfaee  site  density  (Ns,  site  nm  )  by: 


[=  ^OH]^ 


N^SalO'^ 


[39] 


2  —1  —1 

where  S  is  the  surfaee  area  in  m  g  ,  a  is  the  solid- to-solution  ratio  (g  L  ),  and  Na  is  Avogadro’s 
number  (site  mol”^).  The  eharge  balanee  relationships  are: 


oo  +  Oos  +  Od  =  0  [40] 

ao  =  [=50H2^]  -  [=50“]  -  [=50“  -  K+]  +  [=50H2^  -  NOs"] 

+  [=50H2^  -  Sb(OH)6l  -  [=50Sb(0H)5l  -  [(=50)2Sb(0H)4l  [4 1  ] 

Oos  =  [=SO-  -  K+]  -  -  NOsl  -  [=‘^0H2^  -  Sb(OH)6l  [42] 


where  the  relationships  between  the  surfaee  eharge  (a)  and  surfaee  potential  (y/)  eomponents  are 
deseribed  in  Eqs.  [20]  and  [21],  Surface  eomplexation  models  that  deseribe  the  adsorption  of 
phosphate  and  sulfate  by  the  variable-eharge  minerals  were  developed  similarly  to  that  for  Sb(V) 
by  modifying  Eqs.  [26]  through  [29]  and  [34]  through  [42], 

Surfaee  eomplexation  eonstants  (log  values;  Eqs.  [34]  through  [37])  for  the  speeified 
ligand  adsorption  reactions  (Eqs.  [26]  through  [29])  were  optimized  by  EITEQE  using  the 
adsorption  edge  data  (q  vs.  pH)  at  the  two  ionie  strengths.  Unless  noted  otherwise,  the  intrinsie 
eonstants  were  optimized  for  both  ionie  strength  eonditions  simultaneously.  A  goodness-of-fit 
parameter  is  ealeulated  by  EITEQE  and  defined  as  the  weighted  sum  of  squares  of  residuals 
divided  by  the  degrees  of  freedom  (Vy).  This  parameter  ineorporates  the  overall  variance 
assoeiated  with  the  model  predietions  and  the  standard  deviation  in  the  experimental  data 
(analytieal  error).  Generally,  the  Vy  ranges  between  0.1  and  20  when  the  user-defined  ehemieal 
model  adequately  deseribes  the  ligand  adsorption  edge  (when  using  the  EITEQE  default  error 
parameters).  The  goal  of  the  modeling  was  to  find  a  chemical  model  for  eaeh  ligand-mineral 
eombination  with  the  least  number  of  surfaee  speeies  (simplest  model)  that  generated  the  lowest 
values  of  Vy,  that  was  applieable  to  both  ionie  strength  eonditions,  and  that  was  eonsistent  with 
the  meehanistie  interpretations  of  the  experimental  data. 
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Table  1.  Solid  and  suspension  properties  used  in  the  triple  layer  surfaee  eomplexation 
modeling  of  Sb(OH)6,  SO4,  and  PO4  adsorption  by  gibbsite,  kaolinite,  goethite,  and  bimessite. 


Mineral 

Parameter 

Gibbsite 

Kaolinite 

Goethite 

Bimessite 

Eormula 

A1(0H)3 

Al2Si205(0H)4 

EeOOH 

Mn02 

Partiele  size,  pmt 

Mean 

2.55 

2.94 

3.59 

ND 

Median 

2.06 

1.95 

3.15 

ND 

Mode 

3.06 

1.92 

4.05 

ND 

Surfaee  area,  m^  g'^J 

5.82 

13.08 

34.25 

46.30 

Site  density,  nm“^§ 

8.0 

0.55  (=A10H) 

3.45 

12.5 

Total  site  eoneentration,  mmol 

0.7732 

0.27  (=SiOH) 
0.1195  (=A10H) 

0.98 

4.805 

Inner-layer  eapaeitanee,  E  m“^§ 

1.1 

0.0587  (=SiOH) 

1.0 

0.905 

2.4 

Outer-layer  eapaeitanee,  E  m“^§ 

0.2 

0.2 

0.2 

0.2 

Suspension  density,  g  L“^ 

10 

10 

5 

5 

tLaser  diffraetion;  ND,  not  determined. 

JBET-N2  gas  adsorption. 

§Site  density  and  eapaeitanee  data  from  Catts  and  Langmuir  (1986),  Geelhoed  et  al.  (1997), 
Sahai  and  Sverjensky  (1997),  and  He  et  al.  (1997). 

TlComputed  using  Eq.  [39]. 
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Figure  3.  The  solid-solution  interface  of  a  generic  hydrous  metal  oxide  surface  as  described  by 
the  triple  layer  surface  complexation  model.  The  top  figure  illustrates  the  location  of  inner- 
sphere  surface  species  (e.g.,  =5'OHSb(OH)5‘^ )  that  contribute  to  Om,  and  outer-sphere  surface 
species  (e.g.,  =5'OH2^-Sb(OH)6~ )  that  contribute  to  Oos-  The  bottom  figure  illustrates  the 
distribution  of  surface  charge  (\|/  values)  in  the  solid-solution  interface  (modified  from 
Essington,  2003). 
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Table  2.  Surface  complexation  and  aqueous  speciation  reactions  used  in  the  2-pifa  triple  layer 
surface  complexation  modeling  of  Sb(OH)6,  SO4,  and  PO4  adsorption  by  gibbsite,  kaolinite, 
goethite,  and  birnessite. _ 


Surface  complexation  reaction 

logA‘"'t 

Gibbsite 

S  =  Al 

Kaolinite 

S  =  Al  5=Si 

Goethite 

S  =  Fq 

Birnessite 

S  =  Mn 

=50H''  +  H+  =  =50H2^ 

8.50 

7.89 

2.00 

7.00 

-1.60 

=  =SO~  +  H+ 

-12.50 

-9.05 

-6.80 

-12.60 

-5.60 

+  H+  +  NOs"  =  =50H2^-N03“ 

7.50 

7.90 

8.97 

1.24 

=50H°  +  K+  =  ^SO~-K^  +  H+ 

-13.50 

-9.20 

-3.50 

-10.29 

-2.34 

Aqueous  speciation  reaction 

logAJ 

Sb(OH)6“  +  H^  =  Sb(OH)5"  +  H2O 

2.85 

P04^"  +  H+  =  HP04^" 

12.35 

P04^"  +  2H+  =  H2P04" 

19.55 

P04^"  +  3H+  =  H3P04‘^ 

21.70 

P04^"  +  K+  =  KP04^" 

1.37 

P04^"  +  H+  +  K+  =  KHP04" 

12.94 

P04^"  +  2H+  +  K+  =  KH2P04‘^ 

19.97 

S04^“  +  H+  =  HS04“ 

1.99 

S04^“  +  K+  =  KS04“ 

0.85 

tHe  et  al.  (1997)  and  Sahai  and  Sverjensky  (1997). 

JData  from  May  and  Murry  (1991),  Martell  et  al.  (2004),  and  Accornero  et  al.  (2008). 


Results  and  Discussion 

The  only  process  in  soils  and  sediments  that  restricts  the  mobility  and  bioaccessibility  of 
antimony(V)  (antimonate)  is  adsorption.  Several  experiments  were  performed  to  investigate  the 
adsorption  of  antimonate  by  environmentally-relevant  minerals  as  a  function  pH,  ionic  strength, 
antimonate  concentration,  temperature,  and  in  the  presence  of  competing  anions.  In  addition  to 
providing  a  characterization  of  antimonate  adsorption  behavior,  the  results  may  be  interpreted  to 
provide  information  on  the  mechanism  of  antimonate  retention.  The  results  are  also  used  to 
develop  chemical  models  that  may  be  employed  to  predict  antimonate  behavior  in  chemically 
complex  environments,  such  as  soils  and  sediments.  The  experiments  are  briefly  described 
below,  as  are  how  the  results  are  interpreted  to  indicate  retention  mechanisms. 

Antimonate  (Sb(OH)6~)  adsorption  by  gibbsite  and  kaolinite  (=A10H  groups),  goethite 
(=FeOH  groups),  and  birnessite  (=MnOH  groups)  was  examined  as  a  function  of  pH  and 
background  electrolyte  concentration  (ionic  strength,  controlled  by  KNO3).  Adsorption  as  a 
function  of  pH  (adsorption  edge)  can  indicate  the  adsorption  mechanism.  Additional  evidence 
can  be  gained  by  examining  the  influence  of  ionic  strength  on  the  adsorption  edge.  For  outer- 
sphere  complexation  (anion  exchange),  increasing  the  ionic  strength  will  decrease  adsorption,  as 
the  counterions  in  the  background  electrolyte  compete  with  antimonate  for  adsorption  sites. 
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However,  ionic  strength  will  have  little  effect  on  inner-sphere  adsorption  (ligand  exchange) 
because  this  mechanism  involves  the  direct  coordination  of  the  ligand  to  a  surface  metal  cation. 
In  addition  to  examining  the  influence  of  pH  and  ionic  strength  on  antimonate  retention, 
adsorption  reversibility  is  initiated  by  changing  the  pH  of  systems  at  equilibrium.  An  upward 
shift  in  pH  should  result  in  the  release  of  adsorbed  antimonate.  It  is  hypothesized  that  hysteretic 
desorption  behavior  (antimonate  is  not  released  from  the  surface)  connotes  strong  covalent 
(inner-sphere)  bonding,  while  reversible  and  non-hysteretic  desorption  indicates  weak, 
electrostatic  (outer-sphere  adsorption).  The  adsorption  edge  data  are  also  required  for  the 
development  of  chemical  models  that  predict  adsorption  behavior. 

In  addition  to  nitrate,  which  is  a  counter  ion  in  the  background  electrolyte,  sulfate  and 
phosphate  are  common  ligands  in  soils  and  sediments.  These  ligands  will  compete  with 
antimonate  for  adsorption  sites  on  hydrous  metal  oxyhydroxides,  potentially  enhancing 
antimonate  mobility  and  bioaccessibility.  The  competitive  effects  of  sulfate  and  phosphate  on 
antimonate  adsorption  by  gibbsite,  kaolinite,  goethite,  and  bimessite  were  examined  as  a 
function  of  pH,  ionic  strength,  and  the  order  of  ligand  addition  in  the  binary  systems. 

Competition  for  adsorption  sites  depends  on  a  number  of  factors,  including  the  relative  affinities 
of  the  competing  ligands  for  the  surface,  and  the  concentration  of  reactive  surface  sites.  The 
reduction  in  antimonate  retention  when  in  competition  with  sulfate  or  phosphate  may  result  from 
the  direct  competition  for  adsorption  sites  (competing  inner-sphere  ligands  and  a  low  abundance 
of  sites)  or  from  electrostatic  effects  of  the  change  in  surface  charge  that  arises  from  the  specific 
adsorption  of  sulfate  or  phosphate  (high  site  abundance  and  outer-sphere  antimonate  retention). 

The  adsorption  of  antimonate  by  gibbsite,  kaolinite,  and  goethite  was  examined  as  a 
function  of  concentration,  temperature,  and  pH.  Adsorption  as  a  function  of  concentration 
(adsorption  isotherm)  is  generally  employed  as  a  descriptive  tool.  The  adsorption  isotherm  is  a 
graph  that  relates  the  adsorbed  concentration  antimonate  (the  surface  excess)  to  its  concentration 
in  the  equilibrating  solution.  The  isotherm  is  described  mathematically  using  an  adsorption 
isotherm  model,  such  as  the  Langmuir  equation,  which  provides  a  measure  of  the  capacity  of  an 
adsorbent  to  retain  antimonate  (an  adsorption  maximum),  as  well  as  an  adsorption  intensity 
parameter.  Because  isotherm  models  are  descriptive,  they  do  not  allow  for  a  mechanistic 
interpretation.  However,  the  intensity  and  capacity  parameter  may  be  combined,  resulting  in  an 
adsorption  constant.  In  the  case  of  the  Langmuir  equation,  the  adsorption  constant  represents  the 
slope  of  the  isotherm  at  infinite  dilution  (as  the  surface  excess  approaches  zero).  The  variation  in 
the  adsorption  constant  as  a  function  of  temperature  can  provide  a  general  indication  of 
adsorption  mechanism;  whether  inner-sphere  or  outer-sphere  complexation  predominates.  When 
the  adsorption  constant  increases  with  increasing  temperature  (adsorption  increases  with 
temperature),  the  adsorption  process  is  endothermic  (heat  is  absorbed  during  adsorption),  and 
inner-sphere  complexation  is  indicated.  When  the  adsorption  constant  decreases  with  increasing 
temperature  (adsorption  decreases  with  temperature),  the  process  is  exothermic  (heat  is  released 
during  adsorption),  and  outer-sphere  complexation  is  indicated. 

The  surface  charge  characteristics  of  the  hydrous  metal  oxyhydroxides  were  examined  using 
electrophoretic  mobility  and  proton  adsorption  as  a  function  of  pH,  ionic  strength,  and  the 
background  electrolyte  composition.  The  hydrous  metal  oxyhydroxides  develop  surface  charge 
via  protonation  and  deprotonation  reactions,  and  through  the  specific  adsorption  of  metals  and 
ligands.  The  inner-sphere  complexation  of  antimonate  (an  anion)  will  shift  the  surface  charge  of 
a  mineral  to  more  negative  values  (at  a  fixed  pH),  as  well  as  shift  the  point  of  zero  charge  of  the 
mineral  to  a  lower  value.  Additionally,  proton  adsorption  will  increase  to  satisfy  the  additional 
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negative  surfaee  eharge.  Conversely,  the  outer-sphere  eomplexation  of  antimonate  will  not 
influence  the  surface  charging  characteristic. 

Surface  eomplexation  modeling  employs  a  defined  group  of  surface  eomplexation  and 
aqueous  speciation  reactions,  coupled  with  a  model  of  the  electrostatics  of  the  solid-solution 
interface,  to  predict  an  antimonate  adsorption  edge.  The  surface  eomplexation  reactions  are 
formulated  in  accordance  with  the  experimental  results  and  interpretations  (as  described  above). 
Ancillary  information,  such  as  spectroscopic  evidence  from  the  literature,  may  also  be  employed 
to  aid  in  model  development.  A  fitting  routine  is  then  used  to  optimize  the  adsorption  reaction 
equilibrium  constants  and  fit  the  predicted  adsorption  to  the  experimental  adsorption  edge.  In 
general,  the  chemical  model  that  provides  the  superior  fit  to  the  experimental  data  is  assumed  to 
be  correct.  The  chemical  models  developed  for  single  ligand  systems  are  then  tested  by  applying 
to  binary  ligand  (antimonate-sulfate  and  antimonate-phosphate)  adsorption  edge  data. 

The  antimonate  adsorption  results  are  described  and  discussed  for  each  mineral  separately. 
This  is  necessary  because  the  surface  reactivity  of  each  mineral,  the  types  and  concentrations  of 
reactive  surface  functional  groups,  the  affinity  of  antimonate  for  the  surfaces,  and  the  types  of 
surface  complexes  formed  vary  with  mineral  type.  Further,  experimental  design  was  necessarily 
modified  to  account  for  these  varying  mineral  characteristics.  Therefore,  the  direct  comparison  of 
results  between  minerals  is  not  recommended  unless  identical  experimental  conditions  were 
employed. 

Gibbsite 

Adsorption  Edge:  Reversibility 

The  adsorption  of  antimonate  by  gibbsite  is  dependent  on  solution  pH  and  ionic  strength 
(Fig.  4).  Antimonate  adsorption  is  at  a  relative  maximum  in  strongly  acidic  environments  (pH  < 
4),  and  decreases  with  increasing  pH  to  a  minimum  in  strongly  alkaline  conditions  (pH  >  9). 
Increasing  the  ionic  strength  (KNO3  concentration)  depresses  antimonate  retention  by  gibbsite; 
primarily  in  the  pH  <  7  range  (Fig.  5).  Varying  the  adsorption  and  desorption  equilibration 
periods  (0.67  h  to  2  h  for  adsorption  and  2  h  to  8  h  for  desorption)  did  not  influence  antimony 
retention  in  a  consistent  manner  (i.e.,  increasing  retention  with  increasing  equilibration  period). 
Indeed,  the  variance  in  antimonate  retention  displayed  in  Fig.  4  for  differing  equilibration 
periods  is  similar  to  that  observed  for  replicate  studies  for  a  single  equilibration  period  (Fig.  5). 
These  findings  suggest  that  antimonate  adsorption  equilibrium  is  achieved  at  a  period  of  less  than 
1  h,  consistent  with  the  available  literature  for  antimonate  retention  by  soil  and  metal  oxides 
(Ambe,  1987;  Xi  et  ah,  2010;  Wang  et  ah,  2012;  Kameda  et  ah,  2012;  Fan  et  ah,  2013).  The  pH- 
dependence  of  antimonate  adsorption  is  similar  to  the  observed  by  other  investigators  (Ambe  et 
ah,  1986;  Ambe,  1987;  Xu  et  ah,  2001;  Biver  et  ah,  2011;  Rakshit  et  ah,  2011;  Ilgen  and  Trainor, 
2012),  and  for  other  anions  (Essington,  2003).  Increasing  antimonate  retention  with  decreasing 
pH  is  consistent  with  both  inner-sphere  and  outer-sphere  adsorption  mechanisms.  Increasing  the 
proton  concentration  (decreasing  pH)  results  in  the  protonation  of  reactive  surface  functional 
groups  and  generates  positive  surface  charge: 

=A10H°  +  H+  =  =A10H2^  [43] 

Anions  are  then  electrostatically  attracted  to  the  surface  to  form  an  outer-sphere  surface  complex 
(anion  exchange): 
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=A10H2^-N03'  +  Sb(0H)6“  =  =A10H2^  -  Sb(0H)6“  +  NOs"  [44] 

Conversely,  surface  protonation  generates  surface-bound  water,  which  may  then  be  displaced  by 
an  adsorbate  ligand  to  form  an  inner-sphere  surface  complex  (ligand  exchange): 

=A10H2^  +  Sb(OH)6“  =  =A10Sb(0H)5“  +  H2O  +  H+  [45] 

All  soluble  anions  may  participate  in  anion  exchange;  however,  only  anions  that  are  formed  by 
weak  acid  dissociation  may  participate  in  ligand  exchange  (Essington,  2003).  Because 
antimonate  is  a  weak  acid  anion  (pifa  =  2.85),  inner-sphere  complexation  by  variable-charge 
mineral  surfaces  is  expected. 

The  decrease  in  antimonate  adsorption  by  gibbsite  with  increasing  ionic  strength  is  not 
consistent  with  the  recent  findings  of  Rakshit  et  al.  (2011).  They  observed  that  antimonate 
adsorption  by  gibbsite  was  unaffected  by  a  one-hundred-fold  change  (from  0.001  Mto  0.1  M 
KCl)  in  ionic  strength,  and  concluded  that  antimonate  retention  occurred  via  inner-sphere 
mechanisms.  Our  findings  suggest  that  there  is  weak,  electrostatic  character  (outer-sphere 
adsorption)  to  the  antimonate  retention  mechanism.  This  is  evidenced  by  the  reduction  in 
retention  when  the  background  electrolyte  concentration  is  increased  from  0.01  Mto  0.1  M 
KNO3  (Fig.  5).  However,  the  desorption  edge  data  indicate  that  there  is  also  a  strong  bonding 
component  (inner-sphere  adsorption)  to  the  retention  mechanism,  particularly  in  acidic  systems, 
consistent  with  the  spectroscopic  findings  of  Ilgen  and  Trainor  (2012).  As  pH  is  increased  from 
the  minimum  value  of  3.5,  antimonate  does  not  readily  desorb  from  the  gibbsite  surface  until  the 
solution  pH  exceeds  approximately  6.5  (desorption  is  hysteretic).  At  pH  values  above  6.5,  the 
slopes  of  the  adsorption  and  desorption  edges  are  similar,  indicating  that  desorption  becomes 
reversible  as  solution  alkalinity  increases  (non-hysteretic).  The  reversibility  of  antimonate 
adsorption-desorption  in  the  alkaline  pH  range  was  further  tested  by  truncating  the  adsorption 
edge  study  to  begin  desorption  at  a  pH  of  approximately  7  (Fig.  6).  In  this  case,  the  adsorption 
and  desorption  edges  are  superimposed,  indicating  that  the  antimonate  retention  process  is 
reversible  in  the  alkaline  range. 

The  adsorption-desorption  edge  data  suggest  that  antimonate  is  retained  by  both  strong  and 
weak  reaction  mechanisms  at  the  gibbsite  surface.  Strong,  inner-sphere  complexation 
mechanisms  (ligand  exchange)  appear  to  predominate  in  acidic  environments,  while  a  weak 
outer-sphere  mechanism  (anion  exchange)  predominates  in  alkaline  (although  adsorption 
reversibility  doesn’t  necessarily  connote  an  outer-sphere  mechanism).  It  is  not  uncommon  for  the 
predominant  mechanism  of  ligand  retention  (anion  versus  ligand  exchange)  to  differ  as  a 
function  of  soil  solution  properties,  such  as  pH.  For  example,  ligand  exchange  mechanisms  may 
predominate  in  neutral  to  acidic  systems,  while  anion  exchange  predominates  in  alkaline  soils. 
This  is  the  case  for  arsenate,  molybdate,  and  sulfate  retention  by  Fe-  and  Al-oxyhydroxides 
(Catalano  et  al.,  2008;  Goldberg  et  al.,  2006;  Mansour  et  al.,  2009).  It  was  also  postulated  by 
Feuz  et  al.  (2006)  that  antimonate  retention  by  goethite  may  involve  greater  anion  exchange 
character  when  solution  pH  values  exceed  6. 
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Figure  4.  The  adsorption  and  desorption  of  antimonate  by  gibbsite  in  (a)  10  mMKNOs  and 
(b)  100  mMKNOs  media  as  a  funetion  of  pH  and  equilibration  period. 
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Figure  5.  The  adsorption  and  desorption  of  antimonate  by  gibbsite  as  a  funetion  of  pH  and 
ionie  strength. 
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Figure  6.  The  adsorption  and  desorption  of  antimonate  by  gibbsite  as  a  funetion  of  pH  in  10 
mMKNOs  media.  These  data  illustrate  non-hysterestie  (reversible)  desorption  behavior  in  the 
neutral  to  alkaline  pH  range. 
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The  retention  of  sulfate  and  phosphate  by  gibbsite  was  examined  for  eomparison  to 
antimonate  retention,  as  the  meehanisms  involved  in  the  adsorption  of  sulfate  and  phosphate  by 
hydrous  A1  oxyhydroxides  have  been  well-established.  Exeept  in  strongly  acidie  systems  (pH  < 
4),  sulfate  is  retained  predominately  by  outer-sphere  meehanisms  (He  et  ah,  1997;  Karamalidis 
and  Dzombak,  2010).  Sulfate  adsorption  by  gibbsite  inereases  with  deereasing  pH,  with  a  strong 
dependenee  on  ionic  strength  (Fig.  7a).  In  addition,  sulfate  adsorption  is  reversible  throughout 
the  entire  pH  range  studied  (non-hysteretic;  the  adsorption  and  desorption  edges  overlap), 
differing  from  the  desorption  behavior  of  antimonate  (Fig.  4).  These  findings  are  consistent  with 
an  anion  exchange  mechanism  and  the  weak,  electrostatic  retention  of  sulfate.  Sulfate  retention  is 
also  depressed,  relative  to  that  of  antimonate,  throughout  the  entire  pH  range  studied  and 
particularly  in  the  higher  ionic  strength  systems  (Fig.  8).  Despite  their  similar  acid  pTfa  values 
(1.99  for  sulfate  and  2.85  for  antimonate;  Table  2),  the  retention  of  antimonate  by  gibbsite  is 
greater  than  that  of  sulfate,  less  affected  by  ionic  strength,  and  hysteretic. 

Phosphate  is  retained  by  inner-sphere  surface  complexation  mechanisms  throughout  a  broad 
pH  range  (Karamalidis  and  Dzombak,  2010).  Phosphate  is  strongly  retained  by  gibbsite  (Fig.  7b) 
and  shows  no  dependence  on  ionic  strength,  an  observation  that  is  consistent  with  the  ligand 
exchange  adsorption  mechanism.  Further,  phosphate  retention  exceeds  that  of  both  antimonate 
and  sulfate  (Fig.  8).  Phosphate  adsorption  is  reversible  in  strongly  alkaline  systems  (Fig.  7b), 
owing  to  the  competitive  effects  of  the  hydroxide  ion.  The  reversibility  of  phosphate  adsorption 
in  slightly  alkaline  to  acidic  systems  could  not  be  evaluated  due  to  the  strong  and  complete 
retention  in  this  pH  range. 

Adsorption  Edge:  Competition 

The  adsorption  of  antimonate,  sulfate,  and  phosphate  by  gibbsite  in  the  batch  systems  (Fig. 
9)  is  similar  to  that  observed  in  the  continuous  titration  (beaker)  systems  (Figs.  5  and  7).  Figand 
adsorption  increases  with  decreasing  pH,  the  retention  of  antimonate  and  sulfate  decreased  with 
increasing  ionic  strength,  and  the  adsorption  of  phosphate  is  not  influenced  by  the  ionic  media. 
Sulfate  adsorption  is  less  than  that  of  antimonate  throughout  the  pH  3  to  10  range,  irrespective  of 
ionic  strength,  and  phosphate  adsorption  is  complete  at  pH  values  below  approximately  7. 

The  influence  of  ligand  competition  on  the  adsorption  edge  of  antimonate,  sulfate,  and 
phosphate  on  gibbsite  is  quantitatively  described  by  the  equation  (Essington,  2003): 


{l  +  exp[-Z)(pH-pH,o)]} 

where  q</„  is  the  adsorbed  ligand  concentration  (expressed  as  a  percentage  of  the  total  added), 
^max  is  the  adsorption  maximum  (as  a  percentage  of  the  total),  pHso  is  the  pH  at  which  50%  of 
dmax  is  obtained,  and  b  indicates  the  slope  of  the  adsorption  edge  at  pHso.  The  influence  of  ionic 
strength  on  the  adsorption  of  antimonate  is  primarily  observed  in  the  neutral  to  acidic  pH  range 
(Fig.  9a),  where  retention  is  decreased  by  approximately  10  %  at  ^max  by  increasing  KNO3 
concentration.  The  application  of  Eq.  [46]  also  demonstrates  this  finding  (Table  4),  as  well  as  a 
0.2  pH  unit  negative  shift  in  the  adsorption  edge  (pHso  value).  The  sulfate  adsorption  maximum 
is  not  influenced  by  ionic  strength  (Fig.  9b  and  Table  4);  however,  the  adsorption  edge  shifts  in 
the  negative  direction  by  approximately  1  pH  unit  (from  6.36  to  5.34)  with  increasing  KNO3 
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concentration.  Neither  the  phosphate  adsorption  maximum  nor  the  adsorption  edge  is  influeneed 
by  the  ionic  medium  (Fig.  9c  and  Table  5). 

The  inelusion  of  sulfate  as  a  competing  ligand  reduees  the  retention  of  antimonate  by 
gibbsite  in  the  0.01  MKNO3  systems  (Fig.  10a),  but  not  in  0.1  MKNO3  (Fig.  10b).  In  the  low 
ionic  strength  systems,  the  addition  of  sulfate  following  the  preadsorption  of  antimonate 
(preadsorbed  Sb(V),  S  added)  and  the  addition  of  sulfate  and  antimonate  simultaneously  (direct 
competition)  results  in  an  approximate  10  %  reduction  in  antimonate  adsorption  by  gibbsite  at 
^max  (relative  to  antimonate  adsorption  without  the  addition  of  sulfate)  (Fig  10a).  However,  the 
adsorption  edge  (pHso)  is  not  affeeted,  remaining  at  approximately  6.9  (Table  4).  The 
preadsorption  of  sulfate  prior  to  the  addition  of  antimonate  decreases  antimonate  adsorption  by 
approximately  20  %  at  ^max,  relative  to  adsorption  without  sulfate.  Correspondingly,  the 
adsorption  edge  shifts  to  a  lower  value  by  approximately  0.4  pH  units  (from  6.9  to  6.5).  Sulfate 
adsorption  is  reduced  in  both  the  preadsorbed  antimonate  and  sulfate  ligand  systems,  relative  to 
adsorption  in  the  absenee  of  antimonate  (Figs.  11a  and  b),  as  indicated  by  a  negative  shift  in 
pHso  (from  6.4  to  approximately  5.5)  in  0.01  MKNO3,  and  a  reduction  in  ^max  in  0.1  MKNO3 
(from  93.5  %  to  57.2  %  adsorbed)  (Table  4).  When  added  simultaneously,  antimonate  has  only  a 
minor  impact  on  sulfate  adsorption  in  0.01  MKNO3.  Antimonate  has  a  more  pronounced  impact 
on  sulfate  adsorption  in  the  high  ionie  strength  systems  (Fig.  1  lb).  In  general,  the  impaet  of 
sulfate  on  antimonate  adsorption  by  gibbsite  is  more  pronounced  in  0.01  MKNO3,  while  that  of 
antimonate  on  sulfate  was  more  prominent  in  0.1  MKNO3. 

The  eompetitive  adsorption  findings  indicate  that  antimonate  and  sulfate  eompete  for 
adsorption  sites  on  the  gibbsite  surfaee,  and  that  the  competitive  effect  is  a  function  of  the  ionie 
environment  (ionie  strength  and  nitrate  concentration)  and  the  initial  occupation  of  the  adsorbed 
phase  (preadsorbed  ligand  versus  direet  eompetition).  The  data  suggest  that  both  sulfate  and 
antimonate  partieipate  in  an  inner-sphere  surface  complexation  proeess  in  strongly  acidie 
environments.  This  is  evidenced  for  antimonate  by  the  hysteretic  desorption  behavior  in  acidie 
systems  (Fig.  5).  If  sulfate  retention  were  solely  outer-sphere  in  nature,  the  impact  on  antimonate 
adsorption  would  be  negligible,  as  the  concentration  of  reactive  surfaee  funetional  groups  (773 
pmol  L“')  far  exeeeds  the  coneentration  of  added  antimonate  and  sulfate  (~  100  pmol  L“').  The 
influence  of  sulfate  on  antimonate  retention  would  be  masked  by  the  ionic  strength  effeet  (50 
pmol  L“'  sulfate  versus  10  to  100  mmol  L“'  nitrate).  Further,  the  observation  that  antimonate  has 
diffieulty  displacing  preadsorbed  sulfate  also  suggest  an  inner-sphere  eomponent  to  sulfate 
retention. 

The  inelusion  of  phosphate  as  a  competing  ligand  reduces  the  retention  of  antimonate  by 
gibbsite  in  both  the  0.01  MKNO3  and  0.1  MKNO3  systems  (Fig.  12).  In  the  low  ionic  strength 
systems,  the  addition  of  phosphate  shifts  the  antimonate  adsorption  edge  (pHso)  from  6.88  to 
6.18  in  the  preadsorbed  antimonate  system,  and  to  approximately  5.3  in  the  preadsorbed 
phosphate  and  direct  competition  systems  (indicating  the  antimonate  is  slightly  more  competitive 
with  phosphate  when  preadsorbed).  In  the  O.I  MKNO3  medium,  phosphate  has  minimal  impact 
on  antimonate  ^maxi  however,  the  adsorption  edge  is  shifted  from  6.67  to  5.43  in  preadsorbed 
phosphate,  and  to  5.22  in  direet  competition.  Phosphate  adsorption  by  gibbsite  is  not  influeneed 
by  antimonate  (Fig.  13).  The  impaet  of  phosphate  relative  to  that  of  sulfate  on  antimonate 
adsorption  by  gibbsite  in  the  direct  competition  systems  is  shown  in  Fig.  14. 

The  eompetitive  adsorption  findings  indicate  that  phosphate  is  strongly  preferred  by  the 
gibbsite  ligand  exchange  sites,  relative  to  antimonate.  The  inner-sphere  eomplexation  of 
phosphate  speeies  contributes  negative  charge  to  the  gibbsite  surface,  reducing  the  outer-sphere 


30 


(electrostatic)  complexation  of  antimonate.  Greater  proton  concentration  (lower  pH)  is  required 
to  overcome  this  effect;  thus,  the  antimonate  adsorption  edge  shifts  to  lower  values.  Further,  only 
a  fixed  number  of  reactive  surface  functional  groups  are  involved  in  the  inner-sphere 
complexation  of  phosphate,  as  the  total  phosphate  concentration  is  fixed  (43  pmol  L“')  and 
phosphate  adsorption  is  complete  at  pH  values  less  than  approximately  7.  Thus,  additional  sites 
for  the  inner-sphere  complexation  of  antimonate  are  created  by  protolysis  (=A10H2^,  Eq.  [22]) 
which  increases  with  decreasing  pH,  shifted  the  antimonate  adsorption  edge  to  lower  values. 


Table  3.  The  influence  of  ionic  environment  and  competing  ligand  on  the  antimonate  and  sulfate 
adsorption  maximum  (^max)  and  adsorption  edge  (pHsp)  on  gibbsite  computed  using  Eq.  [46]. 


Parameter 

Eigand  alone 

Preadsorbed  Sb(V) 

S  added 

Preadsorbed  S 
Sb(V) added 

Direct 

competition 

Sb(V)  adsorption 

0.01  MKNO3 

^max  (so)]" 

103.6(1.1) 

96.36(1.56) 

81.06  (1.84) 

90.61  (1.17) 

b 

-1.152 

-0.832 

-0.847 

-0.853 

pHso  (se) 

6.88  (0.03) 

6.86  (0.06) 

6.50  (0.07) 

6.88  (0.04) 

O.IMKNO3 

^max  (so) 

93.13  (0.84) 

107.4  (2.6) 

102.9  (3.9) 

b 

-0.949 

-0.867 

-0.867 

pHso  (se) 

6.67  (0.04) 

6.80  (0.08) 

6.53  (0.12) 

S  adsorption 

0.01  MKNO3 

^max  (so) 

90.78  (1.55) 

104.6  (3.2) 

94.20  (3.29) 

87.03  (1.58) 

b 

-1.423 

-0.824 

-1.047 

-1.275 

pHso  (so) 

6.36  (0.05) 

5.38  (0.09) 

5.67  (0.09) 

6.24  (0.05) 

O.IMKNO3 

^max(SO) 

93.51  (7.52) 

57.19(5.52) 

54.08  (5.75) 

b 

-1.086 

-1.341 

-1.035 

pHso  (so) 

5.34  (0.19) 

5.65  (0.22) 

5.39  (0.26) 

tse  is  the  standard  error  determined  from  the  non-linear  regression  of  Eq.  [46]  using  the 
adsorption  edge  data  in  Eigs.  10  and  11. 


31 


Table  4.  The  influenee  of  ionie  environment  and  eompeting  ligand  on  the  antimonate  and 
phosphate  adsorption  maximum  (^max)  and  adsorption  edge  (pHso)  on  gibbsite  computed  using 
Eg,  [46]. _ 


Parameter 

Ligand  alone 

Preadsorbed  Sb(V) 

P  added 

Preadsorbed  P 
Sb(V) added 

Direct 

competition 

Sb(V)  adsorption 

0.01  MKNO3 

^max  (se)’j' 

103.6(1.13) 

104.7(1.6) 

99.26  (1.51) 

103.4  (2.7) 

b 

-1.152 

-1.219 

-1.258 

-1.122 

pHso  (se) 

6.88  (0.03) 

5.99  (0.04) 

5.73  (0.04) 

5.59  (0.07) 

O.IMKNO3 

^max  (se) 

93.13  (0.84) 

91.84  (3.37) 

97.06  (2.78) 

103.0  (3.4) 

b 

-0.949 

-1.302 

-1.009 

-0.855 

pHso  (se) 

6.67  (0.04) 

6.18  (0.09) 

5.43  (0.08) 

5.22  (0.10) 

P  adsorption 

0.01  MKNO3 

^max  (se) 

98.88  (0.59) 

99.08  (0.47) 

97.10  (0.29) 

99.59(0.91) 

b 

-1.378 

-1.248 

-1.372 

-1.218 

pHso  (se) 

9.14(0.03) 

8.88  (0.02) 

8.89  (0.01) 

8.87  (0.04) 

O.IMKNO3 

^max  (se) 

100.3  (0.8) 

100.1  (0.5) 

99.7  (0.45) 

98.35  (0.52) 

b 

-1.101 

-1.636 

-1.483 

-1.590 

pHso  (se) 

9.40  (0.05) 

8.54  (0.03) 

8.79  (0.02) 

8.69  (0.02) 

tse  is  the  standard  error  determined  from  the  non-linear  regression  of  Eg.  [46]  using  the 

adsorption  edge  data  in  Figs.  12  and  13. 
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Figure  7.  The  adsorption  and  desorption  of  (a)  sulfate  and  (b)  phosphate  by  gibbsite  as  a 
funetion  of  pH  and  ionie  strength. 


33 


(a) 


3456789  10 


pH 

Figure  8.  The  adsorption  antimonate,  sulfate,  and  phosphate  by  gibbsite  as  a  funetion  of  pH  in 
(a)  10  mMKNOs  and  (b)  100  mMKNOs  ionic  media. 
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Figure  9.  The  adsorption  of  (a)  antimonate,  (b)  sulfate,  and  (e)  phosphate  by  gibbsite  from 
batch  equilibrium  systems  as  a  function  of  pH  and  ionic  strength.  The  solid  lines  represent  Eq. 
[46]  using  the  parameters  presented  in  Tables  3,  and  4. 
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Figure  10.  The  eompetitive  adsorption  of  antimonate  by  gibbsite  in  the  presence  of  sulfate  in 
(a)  10  mMKNOs  and  (b)  100  mMKNOs  electrolyte  media  as  a  function  of  pH  and  method  of 
sulfate  addition.  The  solid  lines  represent  Eq.  [46]  using  the  parameters  presented  in  Table  3. 
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Figure  1 1 .  The  competitive  adsorption  of  sulfate  by  gibbsite  in  the  presence  of  antimonate  in 
(a)  10  mMKNOa  and  (b)  100  mMKNOs  electrolyte  media  as  a  function  of  pH  and  method  of 
antimonate  addition.  The  solid  lines  represent  Eq.  [46]  using  the  parameters  presented  in 
Table  3. 
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Figure  12.  The  eompetitive  adsorption  of  antimonate  by  gibbsite  in  the  presence  of  phosphate 
in  (a)  10  mMKNOs  and  (b)  100  mMKNOs  electrolyte  media  as  a  function  of  pH  and  method 
of  phosphate  addition.  The  solid  lines  represent  Eq.  [46]  using  the  parameters  presented  in 
Table  4. 
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Figure  13.  The  competitive  adsorption  of  phosphate  by  gibbsite  in  the  presence  of  antimonate 
in  (a)  10  mMKNOs  and  (b)  100  mMKNOs  electrolyte  media  as  a  function  of  pH  and  method 
of  antimonate  addition.  The  solid  lines  represent  Eq.  [46]  using  the  parameters  presented  in 
Table  4. 
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Figure  14.  The  eompetitive  adsorption  of  antimonate  by  gibbsite  in  the  presence  of  sulfate  and 
phosphate  in  (a)  10  mMKNOs  and  (b)  100  mMKN03  electrolyte  media  as  a  function  of  pH 
for  the  direct  ligand  competition  systems. 
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Adsorption  Isotherms:  Thermodynamics 

The  adsorption  of  antimonate  by  gibbsite  in  both  pH  5.5  and  8,  0.01  MKNO3  solutions  is 
Langmuirian;  adsorption  intensity  (isotherm  slope)  deereases  with  inereasing  surfaee  eoverage 
(Fig.  15a).  The  adsorption  isotherms  are  linear  in  log-log  spaee  (Fig.  15b),  indieating  that  the 
isotherms  are  appropriately  deseribed  by  the  Freundlieh  isotherm  model  (Eq.  [3]).  Antimonate 
adsorption  is  strongly  influeneed  by  pH,  as  adsorption  inereases  with  inereasing  aeidity, 
eonsistent  with  the  adsorption  edge  findings  deseribed  in  the  previous  seetion  (Fig.  5).  On 
average,  the  Ky  values  for  antimonate  adsorption  at  pH  5.5  and  8  were  11 A  and  125,  whieh 
represent  the  surfaee  exeess  of  antimonate  {q,  in  pmol  kg“')  when  Ceq  is  unity  (Table  5). 
Adsorption  of  antimonate  from  pH  5.5  solutions  does  not  appear  to  be  parti eularly  sensitive  to 
temperature  (Fig.  15b),  and  the  Freundlieh  model  isotherm  parameters  log  Ap  and  N  do  not 
signifieantly  differ  as  a  funetion  of  temperature  (Table  5).  However,  the  influenee  of  temperature 
on  antimonate  adsorption  is  evident  in  pH  8  systems,  where  retention  tends  to  deerease  with 
inereasing  temperature. 

Plots  of  Ad  vs.  q  indieate  that  the  adsorption  data  may  also  be  deseribed  by  the  two-site 
Langmuir  model  (Eq.  [7];  Eigs.  16  and  17).  Eor  all  eases  of  pH  and  temperature,  the  Ad  vs.  q  plot 
may  be  split  into  two  linear  segments,  where  eaeh  segment  adheres  to  the  Langmuir  model  (Eq. 
[5]).  The  linear  segment  at  low  q  deseribes  high  intensity  and  low  eapaeity  antimonate 
adsorption;  whereas  at  high  q,  low  intensity  and  high  eapaeity  retention  is  deseribed.  The  slope, 
and  Ad  and  q  intereept  values  obtained  through  the  linear  regression  analysis  of  the  isotherm 
segments  in  Eigs.  16  and  17  were  used  to  eompute  the  two-site  Langmuir  isotherm  parameters; 

Ai  and  b\,  and  A2  and  62,  using  the  interpolation  proeedure  of  Sposito  (1982)  (Table  5).  The  K\ 
and  b\  parameters  deseribe  antimonate  adsorption  by  high  intensity  and  low  eapaeity  sites  (type 
1),  while  A2  and  bi  deseribe  adsorption  by  low  intensity  and  high  eapaeity  sites  (type  2).  The 
Henry’s  Law  eonstants  for  the  type  1  sites  (Aadi),  generated  from  the  Langmuir  parameters  K\ 
and  b\  (Table  5),  tend  to  inerease  with  inereasing  temperature  in  the  pH  5.5  and  deerease  with 
temperature  in  pH  8  systems  (Eig.  18).  However,  Aad2  deereases  with  inereasing  temperature 
under  both  pH  eonditions.  Both  the  enthalpy  (A/Ad)  and  entropy  (AS'ad)  of  adsorption  were 
eomputed  for  antimonate  adsorption  using  the  van’t  Hoff  equation  (Eq.  [9]),  as  applied  to  the  In 
Aad  vs.  data  in  Eig.  18.  Eor  high  intensity,  low  eapaeity  adsorption  (type  1  sites)  in  pH  5.5, 
A//ad  is  positive  (1 1.7  kJ  mol”')  and  TA^ad  is  large  (29.19  kJ  mol”'  at  298  K)  relative  to  AT/ad, 
indieating  that  antimonate  adsorption  is  endothermie  and  entropieally  driven  (Table  6).  However, 
for  type  1  sites  in  pH  8,  and  for  low  intensity,  high  eapaeity  adsorption  (type  2  sites)  in  pH  5.5 
and  8,  A/7ad  is  negative  and  TA^ad  is  small  relative  to  A/7ad,  indieating  that  antimonate  adsorption 
is  exothermie  and  enthalpieally  driven.  Eor  both  site  types,  and  for  both  pH  eonditions,  the  free 
energy  of  adsorption  (A Gad)  is  negative,  indieating  that  antimonate  adsorption  is  spontaneous. 
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Figure  15.  Adsorption  isotherms,  plotted  in  (a)  normal  spaee  and  (b)  log-log  spaee,  illustrating 
the  adsorption  {q)  of  antimonate  in  0.01  MKNO3  by  gibbsite  (10  g  L“')  as  a  function 
equilibrium  solution  concentration  (Ceq),  pH,  and  temperature. 
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Table  5.  Freundlich  and  two-site  Langmuir  isotherm  parameters,  and  the  Henry’s  Law  eonstants  values)  for  the  adsorption  of 
antimonate  by  gibbsite. 


Freundlieh  parameters! _  _ Two-site  Langmuir  parameters! 


H 

0 

0 

logifp 

ifp 

N 

Ki 

hi 

Kadi 

Ki 

bi 

Kaddl 

pH  5.5 

5 

2.915 

822.2 

0.487 

0.5137 

1330 

683.1 

0.0885 

4134 

365.9 

15 

2.865 

732.8 

0.502 

0.7133 

1618 

1154 

0.0269 

6632 

178.5 

25 

2.892 

779.8 

0.457 

1.2163 

1307 

1590 

0.0721 

3709 

267.3 

35 

2.882 

762.1 

0.478 

0.5871 

1769 
pH  8 

1039 

0.0209 

7436 

155.6 

5 

2.229 

169.4 

0.494 

0.3628 

377.6 

137.0 

0.0331 

1408 

46.59 

15 

2.114 

130.0 

0.532 

0.2115 

429.3 

90.82 

0.0109 

2539 

27.69 

25 

1.959 

90.99 

0.592 

0.1203 

347.9 

41.84 

0.0121 

2093 

25.40 

35 

2.040 

109.6 

0.529 

0.1634 

414.9 

67.80 

0.0093 

2201 

20.42 

tlog  ifp  and  N  were  obtained  by  linear  regression  analysis  of  Eq.  [3].  Within  pH,  the  log  and  N  do  not  signifioantly  differ  as  a 
funetion  of  temperature  at  E  =  0.05. 

XK\  and  b\  (high  intensity,  low  eapaeity  adsorption),  and  K2,  and  bi  (low  intensity,  high  eapaeity  adsorption)  were  obtained  by  linear 
regression  analysis  of  Eq.  [5]  and  the  data  presented  in  Eigs.  15  and  16,  and  by  employing  the  method  of  Sposito  (1982);  K^di  =  b\Ki 
and  Kadi  =  biKi.  Units  of  Ki  and  Ki  are  E  pmoL';  b\  and  bi  are  pmol  kg“';  and  Kad\  and  Kadi  are  E  kg“^ 
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Figure  16.  Application  of  the  transformed  version  of  the  Langmuir  model  to  vs.  q  plots  of 
the  pH  5.5  antimonate  adsorption  isotherm  data  described  in  Fig.  15a.  The  adsorption  of 
antimonate  by  gibbsite  is  described  by  two  separate  Langmuir  isotherm  equations  (Table  5). 
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Figure  17.  Application  of  the  transformed  version  of  the  Langmuir  model  to  vs.  q  plots  of 
the  pH  8  antimonate  adsorption  isotherm  data  described  in  Fig.  15a.  The  adsorption  of 
antimonate  by  gibbsite  is  described  by  two  separate  Langmuir  isotherm  equations  (Table  5). 
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Figure  18.  Temperature  dependence  of  the  Henry’s  Law  constant  for  high  intensity,  low 
capacity  (site  type  1;  K^di  =  Kib\)  and  low  intensity,  high  capacity  (site  type  2;  ifad2  =  -^2^2) 
for  antimonate  adsorption  by  gibbsite  {K\  and  K2,  and  b\  and  bi  are  adsorption  constants  from 
the  two-site  Langmuir  equation,  Eq.  [7]).  The  lines  represent  the  least  squares  linear 
regression  analysis  of  the  van’t  Hoff  equation  (Eq.  [9])  and  the  In  K^a  vs.  7^^  data,  where  T  is 
the  thermodynamic  temperature. 
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Table  6.  Thermodynamic  parameters  for  the  adsorption  of  antimonate  by  gibbsite.t 


Site  type  1 

Site  type  2 

Temperature 

A//ad 

AAad 

AGad 

A/7ad 

AAad 

AGad 

°C 

kJ  moE* 

J  K'^moE^ 

kJ  moE^ 

kJ  moE^ 

J  K“‘moE‘ 

kJ  moE* 

pH  5.5 

5 

11.7 

97.9 

-15.52 

-15.5 

-7.8 

-13.33 

15 

-16.49 

-13.25 

25 

-17.47 

-13.18 

35 

-18.45 

pH  8 

-13.10 

5 

-21.0 

-35.5 

-11.13 

-18.4 

-34.9 

-8.70 

15 

-10.78 

-8.34 

25 

-10.42 

-8.00 

35 

-10.07 

-7.65 

tEnthalpy  (A//ad)  and  entropy  (A^ad)  of  adsorption  are  temperature  independent  and  computed 
using  the  van’t  Hoff  equation  (Eq.  [9])  analysis  of  the  influence  of  temperature  on  the  Henry’s 
Eaw  constant  for  antimonate  adsorption  by  site  types  1  and  2  (Eig.  18).  Eree  energy  of  adsorption 
(A Gad)  computed  using  Eq.  [11]. 


Exothermic  (negative  A/fad),  enthalpically-driven  adsorption  is  generally  indicative  of  an  ion 
exchange  mechanism  (adsorption  increases  with  decreasing  temperature).  Thus,  antimonate 
adsorption  by  gibbsite  type  1  sites  in  pH  8,  and  by  type  2  sites  in  pH  5.5  and  8,  is  predominately 
an  outer-sphere  surface  complexation  process.  Antimonate  adsorption  by  type  1  sites  in  pH  5.5  is 
endothermic  (positive  A//ad)  and  entropically-driven  (heat  is  absorbed  during  antimonate 
adsorption),  suggesting  inner-sphere  complexation.  Although  A//ad  is  positive  (1 1.7  kJ  mol”'), 
the  magnitude  of  A//ad  is  small  relative  to  that  typically  found  for  the  inner-sphere  surface 
complexation  of  ligands.  Enthalpy  values  for  the  retention  of  specifically-adsorbed  ligands  by 
variable-charge  minerals  are  generally  <40  kJ  moE^  although  similar  in  magnitude  A//ad  values 
have  been  used  to  infer  an  ion  exchange  mechanism  (Zhang  and  Selim,  2008;  Ei  et  ah,  2008; 
Eerreiro  and  de  Bussetti,  2007).  The  inner-sphere  adsorption  of  arsenate  by  A1  and  Ee  oxides  has 
been  reported  to  generate  A/7ad  values  of  25. 1 1  and  17.83  kJ  moE^  (Helmy  et  ah,  1996;  Parley  et 
ah,  2008).  Enthalpy  values  for  the  inner-sphere  complexation  of  phosphate  and  2-ketogluconate 
by  Ee  oxides  range  between  22  and  81.84  kJ  moE^  (Juang  and  Chung,  2004;  Mezzener  and 
Bensmaili,  2008;  Mustafa  et  ah,  2008;  Journey  et  ah,  2010).  The  A/7ad  value  computed  for 
antimonate  adsorption  to  the  high  intensity  sites  indicates  that  there  is  an  inner-sphere 
component  to  the  retention  mechanism  in  acidic  systems. 

Electrostatics  at  the  Solid-Solution  Interface 

Zeta  potential  and  proton  adsorption  curves  for  gibbsite  in  the  swamping  electrolyte  (KNO3) 
are  illustrated  in  Eig.  19.  The  KNO3  system  represents  surface  charging  in  the  absence  of  inner- 
sphere  complexation.  Eor  gibbsite,  the  isoelectric  point  (lEP)  and  the  point  of  zero  charge  (pHpzc) 
is  10.55  (Pig.  19a).  This  is  also  the  common  intersection  point  (CIP)  for  the  zeta  potential 
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measurements  in  0.01  and  0.1  MKNO3.  At  pH  values  below  the  pHpzc,  the  gibbsite  surfaee  bears 
a  net  positive  charge.  The  measured  gibbsite  pHpzc  is  slightly  higher  than  the  7.8  to  10.4  range 
compiled  by  Karamalidis  and  Dzombak  (2010),  but  within  the  8.7  to  11  range  reported  by 
Adekola  et  al.  (2011).  An  increase  in  the  swamping  electrolyte  concentration  results  in  a 
decreasing  zeta  potential  as  the  pH  is  decreased  below  the  pHpzc.  Increased  concentrations  of 
electrolyte  in  the  Od  plane  tend  to  shield  the  particle  charge,  decreasing  the  extent  of  charge 
influence  in  the  solid-solution  interface  and  decreasing  the  response  (particle  movement)  in  an 
electric  field  (Yu,  1997).  As  expected,  the  adsorbed  proton  concentration  (gh)  increase  with 
decreasing  pH;  however,  was  not  influenced  by  the  background  electrolyte  concentration 
(Fig.  19b).  This  finding  is  not  a  “normal”  response  (larger  gh  at  higher  ionic  strength),  but 
similar  to  that  observed  by  others  (Yang  et  ah,  2007;  Adekola  et  ah,  2011),  due  to  the  low 
surface  reactivity  of  gibbsite. 

When  a  ligand  other  than  the  indifferent  electrolyte  is  present,  electrophoretic  mobility  will 
reflect  the  adsorption  mechanism.  Adsorption  of  an  anionic  ligand  in  the  is-plane  will  decrease 
the  zeta  potential  and  shift  the  lEP  to  lower  pH  values  (additional  protonation,  i.e.,  lower  pH, 
required  for  site  neutralization).  The  adsorption  of  a  ligand  in  the  os-plane  will  not  affect  the  lEP, 
relative  to  that  in  the  indifferent  electrolyte.  However,  a  decrease  in  the  zeta  potential  may  be 
observed  if  the  adsorbed  ligand  has  higher  valence  than  the  indifferent  electrolyte  (providing 
greater  negative  charge  to  the  near-surface  region  bounded  by  the  particle  shear  plane,  shielding 
particle  charge).  The  proton  adsorption  characteristics  may  also  be  used  to  infer  the  ligand 
adsorption  mechanism.  Adsorption  of  an  anionic  ligand  in  the  is-plane  will  increase  Q\i  in 
response  to  the  addition  of  intrinsic  negative  surface  charge  (decreasing  Ois),  while  adsorption  of 
a  ligand  in  the  os-plane  will  not  have  an  effect  on  gh- 

The  presence  of  10  mMK2S04  does  not  appreciably  change  the  lEP  of  gibbsite  (Pig.  19a), 
relative  to  the  KNO3  systems,  which  may  be  due  to  the  absence  of  sulfate  adsorption  at  the  lEP 
(Pigs.  7a  and  9).  However,  there  is  a  negative  shift  in  the  zeta  potential  at  pH  values  below  the 
lEP  as  a  result  of  sulfate  adsorption.  The  less  positive  zeta  potential  values  indicate  that  the 
adsorbed  complexes  of  sulfate  provide  greater  negative  charge  to  the  near-surface  region 
bounded  by  the  particle  shear  plane,  relative  to  the  background  electrolyte  (divalent  S04^~  vs. 
monovalent  N03~).  A  comparison  of  the  KNO3  and  K2SO4  systems  indicates  that  sulfate 
adsorption  results  is  an  upward  shift  in  Qh  which  is  reflective  of  the  inner-sphere  complexation 
of  S04^“,  particularly  when  pH  <  7  (Pig.  19b). 

The  lEP  of  gibbsite  shifts  to  the  4.6  to  4.9  range  when  reacted  with  phosphate  (Pig  20a). 

This  is  macroscopic  evidence  of  the  inner-sphere  complexation  of  phosphate  by  gibbsite.  This 
finding  is  consistent  with  the  strong  phosphate  adsorption  behavior,  and  the  lack  of  an  ionic 
strength  effect  (Pigs.  7b  and  9).  A  comparison  of  the  KNO3  and  KH2PO4  systems  indicates  that 
phosphate  adsorption  results  in  an  upward  shift  in  Qh  which  is  reflective  of  the  inner-sphere 
complexation  of  phosphate  species  (H2P04“  and  HP04^“)  when  pH  <  10  (Pig.  20b). 

Within  the  pH  range  studied  (pH  >  4),  a  gibbsite  lEP  in  the  presence  of  antimonate  was  not 
achieved  (Pig.  21a).  At  all  pH  values,  the  zeta  potentials  are  negative,  reflecting  the  inner-sphere 
complexation  of  antimonate.  A  comparison  of  the  KNO3  and  KSb(OH)6  systems  shows  that 
antimonate  adsorption  results  is  an  upward  shift  in  Qh,  which  indiactes  the  inner-sphere 
complexation  of  antimonate,  particularly  when  pH  <  8  (Pig.  21b). 
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Figure  19.  The  influenee  of  sulfate  on  gibbsite  (a)  zeta  potential  and  (b)  proton  adsorption  as  a 
function  of  pH,  ionic  strength,  and  electrolyte  composition. 
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Figure  20.  The  influenee  of  phosphate  on  gibbsite  (a)  zeta  potential  and  (b)  proton  adsorption  as 
a  function  of  pH,  ionic  strength,  and  electrolyte  composition. 
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Figure  21.  The  influenee  of  antimonate  on  gibbsite  (a)  zeta  potential  and  (b)  proton  adsorption  as 
a  function  of  pH,  ionic  strength,  and  electrolyte  composition. 
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Surface  Complexation  Modeling 

The  antimonate  adsorption  edge  and  adsorption  isotherm  studies,  eoupled  with  the  effeets  of 
antimonate  on  gibbsite  surfaee  eharging,  indieate  that  antimonate  retention  by  gibbsite  oeeurs  via 
a  combination  of  inner-  and  outer-sphere  complexation  mechanisms.  Specifically,  antimonate 
retention  predominately  occurs  via  an  outer-sphere  mechanism  (=A10H2^-Sb(0H)6~)  in  alkaline 
systems,  with  increasing  inner-sphere  complexation  character  as  pH  decreases  into  the  acidic 
range.  Spectroscopic  studies  indicate  that  the  retention  of  antimonate  by  hydrous  aluminum 
oxide,  and  other  adsorbents  with  =A10H  surface  functionality  (e.g.,  aluminosilicates),  proceeds 
via  mono-  and  bidentate  inner-sphere  surface  complexation  processes  (=A10HSb(0H)5'^  or 
=A10Sb(0H)5“,  and  (=A10)2Sb(0H)4“)  under  acidic  (pH  5)  conditions  (Ilgen  and  Trainor,  2012). 
These  studies  also  suggest  that  the  bidentate  complex  is  the  predominant  inner-sphere  species. 
The  anion  exchange,  and  monodentate  and  bidentate  ligand  exchange  processes  are  illustrated  in 
Fig.  22  and  described  in  Eqs.  [26]  through  [29]. 

Two  experimental  techniques  were  employed  to  generate  the  antimonate,  sulfate,  and 
phosphate  adsorption  edge  data  {q  vs.  pH)  as  a  function  of  ionic  strength:  continuous  titration 
beaker  systems  (Figs.  5  and  7)  and  the  competitive  adsorption  batch  systems  (Fig.  9).  Both  data 
sets  were  used  to  develop  the  chemical  models  for  ligand  adsorption  by  gibbsite.  Four  models 
were  evaluated  for  their  ability  to  describe  the  antominate  adsorption  edge.  Model  A  assumes 
that  the  adsorption  of  antimonate  occurs  via  an  outer-sphere  retention  process  throughout  the 
entire  pH  range  studied,  forming  only  the  =A10H2^-Sb(0H)6“  surface  species.  Using  the  triple¬ 
layer  SCM,  coupled  with  the  2-pAa  approach,  the  adsorption  of  antominate  is  well-predicted  in 
the  pH  3  to  10  range  (Fig.  23).  The  goodness-of-fit  parameters  for  the  beaker  and  batch  data  sets 
(Vy  =  3.578  and  3.073)  indicate  that  the  model  satisfactorily  describes  the  adsorption  edges 
(Table  7).  Further,  the  common  logarithms  of  the  intrinsic  surface  complexation  constants  for  the 
batch  and  beaker  systems  (log  A'"*  =  1 1 .00  and  1 1 .28)  are  similar.  Although  the  outer-sphere 
surface  complexation  model  describes  the  antimonate  adsorption  edge,  the  model  tends  to  under 
predict  adsorption  in  the  acidic  range  (pH  <  5)  and  in  the  higher  ionic  strength  systems.  This 
result  suggests  that  addition  surface  species  are  required  to  model  the  antimonate  adsorption  in 
the  acidic  pH  range. 

A  combined  outer-sphere  and  inner-sphere  surface  complexation  model  is  examined  in 
Model  B  (Fig.  24  and  Table  7).  In  this  model,  the  monodentate  =A10Sb(OH)5“  complex  is  the 
stipulated  inner-sphere  species,  and  assumes  that  antimonate  dissociates  (Sb(OH)6~  = 

SbO(OH)5^“  +  H^)  to  donate  H"^  to  protonate  the  surface  (=A10H°  +  H^  =  =A10H2^),  creating 
adsorbed  water  which  is  displaced  by  the  antominate  ligand  (=A10H2^  +  SbO(OH)5^“  = 
=A10Sb(OH)5~  +  H2O).  The  dissociation  of  a  proton  from  antimonate  during  adsorption  is 
proposed  because  its  location  between  two  highly  positive  cations  (Al^"^  and  Sb^"^)  is  not 
electrostatically  favored.  The  adsorption  of  antominate  was  well-predicted  by  this  model  in  the 
pH  3  to  10  range.  The  goodness-of-fit  parameters  for  the  beaker  and  batch  data  sets  (Vy  =  3.029 
and  2.428)  indicate  that  the  model  satisfactorily  describes  the  adsorption  edges.  The  common 
logarithms  of  the  intrinsic  surface  complexation  constants  for  the  outer-sphere  complex  for  the 
batch  and  beaker  systems  (log  A'"*  =  10.95  and  1 1.23)  are  similar,  as  are  the  constants  for  the 
inner-sphere  species  (log  =  -2.45  and  -2.19).  The  outer-sphere  surface  complex  is  the 
predominant  surface  species  in  the  pH  3  to  10  range,  and  in  the  pH  >  6  range  accounts  for  all  of 
the  adsorbed  antimonate.  As  the  pH  decreases  below  6,  the  inner-sphere  species  increases  in 
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importance.  This  result  is  eonsistent  with  the  adsorption  reversibility  and  thermodynamic 
findings,  which  indicated  that  inner-sphere  eomplexation  becomes  important  in  acidie  systems. 

The  seeond  model  that  considers  both  outer-  and  inner-sphere  eomplexation  of  antimonate 
(Model  C)  also  stipulates  a  monodentate,  inner-sphere  speeies  (=A10HSb(0H)5‘^).  This  speeies 
differs  from  the  =A10Sb(0H)5~  speeies  (Model  B)  in  that  a  hydroxide  ion,  rather  than  an  oxygen, 
is  superimposed  between  the  surface  A1  and  the  adsorbed  Sb(V)  (antimonate  does  not  dissociate 
during  adsorption).  Like  Model  B,  Model  C  provides  a  satisfactory  description  of  the  antimonate 
adsorption  edge  data  (Vy  =  3.103  and  2.491  for  the  beaker  and  batch  systems)  (Fig.  25).  The 
intrinsic  eomplexation  constants  for  the  outer-sphere  speeies  are  log  A'"*  =  10.96  and  1 1.24  for 
the  beaker  and  batch  systems;  the  eonstants  for  the  inner-sphere  species  for  the  two  systems  are 
log  =  7.53  and  7.62  (Table  7). 

The  outer-sphere  and  the  inner-sphere  bidentate  surface  eomplexes  [(=A10)2Sb(0H)4“]  are 
stipulated  in  Model  D  (Table  7).  Like  the  monodentate  complex  in  Model  B,  the  adsorbed 
antimonate  donates  protons  to  form  surfaee-bound  water,  which  are  displaeed  during  the  ligand 
exchange  proeess  to  form  the  bidentate  species.  The  existenee  of  a  bidentate  surface  speeies  is 
supported  by  the  speetroscopic  findings  of  Ilgen  and  Trainor  (2012),  and  this  species  has  been 
used  to  model  antimonate  adsorption  by  gibbsite  (Rakshit  et  ah,  201 1)  and  goethite  (Leuz  et  ah, 
2006).  Model  D  provides  a  satisfactory  description  of  the  antimonate  adsorption  edge  data  (Vy  = 
3.095  and  2.415  for  the  beaker  and  batch  systems)  (Fig.  26).  The  intrinsic  eomplexation 
eonstants  for  the  outer-sphere  species  are  log  =  10.95  and  1 1.22  for  the  beaker  and  bateh 
systems;  the  eonstants  for  the  inner-sphere  speeies  for  the  two  systems  are  log  A'"*  =  0.77  and 
1.08  (Table  7). 

Each  of  the  three  surface  eomplexation  models  that  employ  both  an  outer-sphere  and  an 
inner-sphere  surface-bound  antimonate  (Models  B,  C,  and  D)  provides  a  satisfaetory  description 
of  the  adsorption  edge  data.  The  models  indieate  that  the  outer-sphere  surface  species  aecounts 
for  a  bulk  of  the  adsorption  in  the  pH  >  6  systems,  while  the  inner-sphere  speeies  beeome 
inereasingly  important  as  solution  pH  decreases  below  6.  The  inereasing  significance  of  an  inner- 
sphere  surface  eomplex  as  solution  pH  deereases  into  the  acidic  range  is  supported  by  the 
experimental  evidence.  Antimonate  adsorption  is  hysteretic  in  acidie  systems,  but  reversible  in 
the  neutral  to  alkaline  pH  range  (Fig.  5).  Adsorption  by  high  intensity,  low  capacity  sites  in  pH 
5.5  solutions  is  endothermic  and  entropically-driven  (suggesting  an  inner-sphere  component  to 
the  adsorption  process).  Further,  proton  adsorption  in  the  presence  of  adsorbed  antimonate 
deviates  from  that  in  the  absenee  of  antimonate  as  solution  pH  decreases  into  the  neutral  to  acidic 
range  (also  suggesting  an  inner-sphere  component  to  the  adsorption  proeess)  (Fig.  21).  Attempts 
to  model  the  adsorption  edge  data  without  imposing  an  outer-sphere  speeies  were  not  successful. 
Chemieal  models  that  stipulated  both  a  monodentate  and  a  bidentate  surfaee  species,  as  inferred 
from  spectroscopic  analysis  of  adsorbed  antimonate  on  gibbsite  (Ilgen  and  Trainor,  2012),  or 
models  that  only  considered  a  single  inner-sphere  speeies,  either  eaused  eonvergence  problems 
in  the  FITEQL  program,  or  did  not  deseribe  the  adsorption  edge  data.  The  potential  formation  of 
the  aqueous  KSb(OH)6'^  ion  pair  in  the  surface  eomplexation  modeling,  as  eonsidered  by  Eeuz  et 
al.  (2006)  but  discounted  by  Rakshit  et  al  (2011),  was  also  evaluated  to  partially  explain  the 
strong  ionie  strength  effect  on  antimonite  retention.  However,  the  inclusion  of  this  species  was 
superfluous,  as  the  ionie  strength  effect  was  predicted  by  outer-sphere  adsorption  alone. 

In  order  to  predict  competitive  adsorption  in  antimonate-sulfate  and  antimonate-phosphate 
systems,  intrinsie  constants  for  the  retention  of  sulfate  and  phosphate  must  be  determined.  The 
adsorption  of  sulfate  by  gibbsite  is  strongly  influenced  by  solution  ionic  strength  (Eigs.  7a  and 
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9b)  and  reversible  throughout  the  pH  range  studied.  Sulfate  adsorption  does  not  alter  the  lEP  of 
gibbsite,  although  zeta  potentials  are  less  positive  and  proton  adsorption  inereases  in  pH  <  7 
solutions,  relative  to  the  indifferent  KNO3  eleetrolyte  alone  (Fig.  19).  These  experimental 
findings  indieate  that  sulfate  retention  proeeeds  primarily  through  an  outer-sphere  surface 
complexation  mechanism,  an  interpretation  that  is  supported  by  the  available  literature  (He  et  ah. 


1996  and  1997;  Goldberg,  2010).  Sulfate  adsorption  by  gibbsite  was  successfully  modeled  by 
considering  only  outer-sphere  complexation  and  the  formation  of  =A10H2  -SO4  (Fig.  27).  The 


goodness-of-fit  parameters  for  the  beaker  and  batch  data  sets  (Vy  =  0.725  and  7.313)  indicate 


that  the  model  satisfactorily  describes  the  adsorption  edges  (Table  7).  The  common  logarithms  of 
the  intrinsic  surface  complexation  constants  for  the  batch  and  beaker  systems  are  log  A'"*  =  8.58 


and  9.04. 


Phosphate  displays  strong  adsorption  by  gibbsite,  with  nearly  complete  removal  of 
phosphate  at  pH  values  less  than  approximately  7  (Figs.  7b  and  9c).  Phosphate  adsorption  is 
independent  of  ionic  strength,  shifts  the  gibbsite  IFP  from  10.55  to  4.8,  and  increases  proton 
adsorption  throughout  a  broad  pH  range  (relative  to  the  KNO3  systems)  (Fig.  20).  These 
experimental  results  indicate  that  phosphate  is  retained  primarily  by  inner-sphere  surface 
complexation  mechanisms.  Johnson  et  al.  (2002)  and  Van  Fmmerik  et  al.  (2007)  reported  that 
phosphate  formed  monodentate  inner-sphere  surface  complexes  on  Y-AI2O3  and  gibbsite,  and  that 
outer-sphere  complexation  contributed  to  adsorption  in  alkaline  systems  (pH  >  8).  The 
adsorption  of  phosphate  by  gibbsite  has  been  successfully  described  by  considering  only 
monodentate  inner-sphere  complexation  and  the  formation  of  =A10P03^~,  =A10P020H“,  and 
=A10P0(0H)2°,  species  (Goldberg  and  Sposito,1984;  He  et  al.,  1997;  Goldberg,  2010). 
Phosphate  adsorption  by  gibbsite  in  the  beaker  and  batch  systems  could  only  be  predicted 
through  the  stipulation  of  a  single  outer-sphere  =A10H2^-HP04^~  species  (Fig.  28).  This  model 
provides  a  satisfactory  fit  to  the  experimental  beaker  and  batch  adsorption  edge  data  (Vy  =  0.439 
and  2.569),  with  optimized  log  A'"*  values  of  27.81  and  26.38  (Table  7).  The  prediction  of 
phosphate  adsorption  using  an  inner-sphere  model  is  also  illustrated  in  Fig.  28.  The  predicted 
common  logarithm  of  the  intrinsic  complexation  constants  for  the  reaction,  =A10H  +  2H^  + 

P04^~  =  =A10P03^~  +  2H2O,  in  the  batch  and  beaker  systems  are  log  A'"*  =  1 1 .98  ±  0.04  (Vy  = 
4.651)  and  14.58  ±  0.02  (Vy  =  6.636).  Although  the  goodness-of-fit  parameters  for  the  inner- 
sphere  model  are  low  (as  are  the  standard  deviations  on  log  A‘°*),  the  model  does  not  provide  an 
acceptable  fit  to  the  adsorption  edge  data.  Surface  complexation  models  that  employed  either 
=A10P020H~  or  =A10P0(0H)2°  species  provided  fits  to  the  experimental  data  that  were  similar 
to  =A10P03^~.  Models  that  considered  multiple  inner-sphere  surface  species,  or  a  combination  of 
inner-  and  outer-sphere  surface  species,  caused  convergence  problems  in  the  FITFQF  program. 

The  surface  complexation  modeling  of  competitive  adsorption,  using  the  intrinsic  constants 
obtained  from  single-adsorbate  systems,  was  investigated  for  the  direct  competition  antimonate- 
sulfate  and  antimonate-phosphate  systems  (Figs.  10  through  13).  Although  several  models 
provided  acceptable  fits  to  the  adsorption  edge  data,  the  model  using  the  outer-sphere  =A10H2^- 
Sb(OH)6”  and  inner-sphere  (=A10)2Sb(0H)4“  species  was  selected  to  predict  competitive 
antimonate  adsorption  (Model  D,  Table  7).  This  model  was  selected  because  the  formation  of  the 
bidentate  species  on  gibbsite  is  supported  by  spectroscopic  evidence  (Ilgen  and  Trainor,  2012). 
The  outer-sphere  =A10H2^-S04^~  and  =A10H2^-HP04^~  models  were  used  to  predict  sulfate  and 
phosphate  adsorption.  The  application  of  chemical  models  developed  for  single-adsorbate 
systems  to  binary-adsorbate  systems  has  been  met  with  limited  success  (Fssington  and 
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Anderson,  2008;  Goldberg,  2010).  Generally,  the  reoptimization  of  the  intrinsic  constants  is 
necessary  to  provide  an  adequate  fit  to  the  experimental  data. 

The  predicted  direct  competitive  adsorption  of  antimonate  and  sulfate  by  gibbsite  indicates 
that  antimonate  adsorption  in  0.01  MKNO3  is  well-described,  but  slightly  underpredicted  in  0.1 
MKNO3  (Fig.  29a).  As  in  the  single-adsorbate  systems  (Fig.  26),  the  outer-sphere  surface 
complex  predominates  throughout  the  pH  3  to  10  range,  with  the  bidentate  species  becoming 
important  as  pH  decreases  below  6.  The  predicted  adsorption  of  sulfate  in  the  competitive 
systems  is  slightly  underpredicted  in  0.01  MKNO3  and  overpredicted  in  0.1  MKNO3.  The 
goodness-of-fit  parameter  (Vy  =  16.991)  is  less  than  20,  which  suggests  that  the  modeled 
adsorption  of  antimonate  and  sulfate  in  the  binary  systems  provide  an  adequate  estimation  of  the 
experimental  data  (Herbelin  and  Westall,  1999).  The  goodness-of-fit  parameter  for  the  predicted 
adsorption  in  the  binary  antimonate-phosphate  system  is  Vy  =  12.342;  again  suggesting  that  the 
unoptimized  surface  complexation  model  adequately  describes  the  experimental  adsorption  data 
(Fig.  30).  However,  antimonate  adsorption  was  underestimated  in  both  the  0.01  and  0.1  MKNO3 
systems,  while  phosphate  retention  was  over-estimated  in  alkaline  conditions. 


Mineral  surface 


Surface  complexes 


Anion  exchange 
- ► 

Outer-sphere 


Ligand  exchange 
- ► 

Inner-sphere 


mononuclear 


Bidentate 

mononuclear 


Electrostatic 


Bidentate 


binuclear 

O 


Displaced 

O 


Monodentate 


Figure  22.  The  anion  exchange  process  on  a  metal  oxide  surface  that  results  in  the  outer-sphere 
surface  complexation  of  Sb(V),  and  the  inner-sphere  ligand  exchange  processes  that  result  in  the 
monodentate-mononuclear,  bidentate-binuclear,  and  bidentate-mononuclear  surface  complexes 
for  Sb(V)  adsorption  (modified  from  Essington,  2003). 
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Table  7.  Surface  complexation  models  used  to  describe  the  adsorption  of  antimonate,  sulfate,  and 
phosphate  by  gibbsite  as  a  function  of  pH  and  ionic  strength  using  the  triple-layer  formulation. 


Reaction 

- 

logA'"'t 

BeakerJ  Batch 

Antimonate  Model  A 

=A10H  +  H+  +  Sb(OH)6“  =  =A10H2^-Sb(0H)6“ 

11.00  ±0.01 

11.28  ±0.01 

Vy§ 

3.578 

3.073 

Antimonate  Model  B 

=A10H  +  H+  +  Sb(OH)6“  =  =A10H2^-Sb(0H)6“ 

10.95  ±0.01 

11.23  ±0.01 

=A10H  +  Sb(OH)6“  =  =A10Sb(0H)5“  +  H2O 

-2.45  ±0.12 

-2.19  ±0.14 

Vy 

3.092 

2.428 

Antimonate  Model  C 

=A10H  +  H+  +  Sb(OH)6“  =  =A10H2^-Sb(0H)6“ 

10.96  ±0.01 

11.24  ±0.01 

=A10H  +  H+  +  Sb(OH)6“  =  =A10HSb(0H)5“  +  H2O 

7.53  ±0.09 

7.62  ±0.12 

Vy 

3.103 

2.491 

Antimonate  Model  D 

=A10H  +  H+  +  Sb(OH)6“  =  =A10H2^-Sb(0H)6“ 

10.95  ±0.01 

11.22  ±0.01 

2=A10H  +  Sb(OH)6“  =  (=A10)2Sb(0H)4“  +  2H2O 

0.77  ±0.12 

1.08  ±0.14 

Vy 

3.095 

2.415 

Sulfate 

=A10H  +  H+  +  S04^"  =  =A10H2^-S04^" 

8.58  ±0.02 

9.04  ±0.02 

Vy 

0.725 

7.313 

Phosphate 

=A10H  +  2H^  +  PO4  =  =A10H2  -HPO4 

27.82  ±  0.05 

26.38  ±0.03 

Vy 

0.439 

2.569 

tCommon  logarithms  of  the  intrinsic  surface  complexation  constants  (±  standard  deviation) 
optimized  using  FITEQL,  the  antimonate  adsorption  edge  data  (Figs.  5  and  9),  and  the  gibbsite 
and  suspension  parameters  described  in  Tables  1  and  2. 

J Adsorption  edge  data  were  obtained  from  the  continuous  titration  ‘Beaker’  studies,  or  the 
competitive  ‘Batch’  studies. 

§Weighted  sum  of  squares  of  residuals  divided  by  the  degrees  of  freedom. 
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Figure  23.  The  adsorption  of  antimonate  by  gibbsite  as  a  function  of  pH  and  ionic  strength  in  (a) 
beaker  and  (b)  batch  systems.  The  lines  represent  the  triple-layer  surface  complexation  model  fit 
to  the  experimental  data  using  FITEQL  and  the  chemical  model  described  in  Tables  1,  2,  and  7. 
The  solid  lines  show  the  predicted  adsorption  of  the  outer-sphere  =A10H2^-Sb(0H)6~  species. 
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Figure  24.  The  adsorption  of  antimonate  by  gibbsite  as  a  function  of  pH  and  ionic  strength  in  (a) 
beaker  and  (b)  batch  systems.  The  lines  represent  the  triple-layer  surface  complexation  model  fit 
to  the  experimental  data  using  FITEQL,  the  outer-sphere  =A10H2^-Sb(0H)6~  species  and  the 
inner-sphere  =A10Sb(0H)5“  species,  and  the  chemical  model  described  in  Tables  1,  2,  and  7. 
The  solid  lines  show  the  predicted  adsorption  in  0.01  MKNO3,  the  dashed  lines  in  0.1  MKNO3. 
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Figure  25.  The  adsorption  of  antimonate  by  gibbsite  as  a  funetion  of  pH  and  ionie  strength  in  (a) 
beaker  and  (b)  bateh  systems.  The  lines  represent  the  triple-layer  surfaee  eomplexation  model  fit 
to  the  experimental  data  using  FITEQL,  the  outer-sphere  =A10H2^-Sb(0H)6~  speeies  and  the 
inner-sphere  =A10HSb(0H)5‘^  speeies,  and  the  chemical  model  described  in  Tables  1,  2,  and  7. 
The  solid  lines  show  the  predicted  adsorption  in  0.01  MKNO3,  the  dashed  lines  in  0.1  MKNO3. 
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Figure  26.  The  adsorption  of  antimonate  by  gibbsite  as  a  funetion  of  pH  and  ionic  strength  in  (a) 
beaker  and  (b)  batch  systems.  The  lines  represent  the  triple-layer  surface  complexation  model  fit 
to  the  experimental  data  using  FITEQL,  the  outer-sphere  =A10H2^-Sb(0H)6~  species  and  the 
inner-sphere  (=A10)2Sb(0H)4“  species,  and  the  chemical  model  described  in  Tables  1,  2,  and  7. 
The  solid  lines  show  the  predicted  adsorption  in  0.01  MKNO3,  the  dashed  lines  in  0.1  MKNO3. 
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Figure  27.  The  adsorption  of  sulfate  by  gibbsite  as  a  function  of  pH  and  ionic  strength  in  (a) 
beaker  and  (b)  batch  systems.  The  lines  represent  the  triple-layer  surface  complexation  model  fit 
to  the  experimental  data  using  FITEQL  and  the  chemical  model  described  in  Tables  1,  2,  and  7. 
The  solid  lines  show  the  predicted  adsorption  of  the  outer-sphere  =A10H2^-S04^“  species. 
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Figure  28.  The  adsorption  of  phosphate  by  gibbsite  as  a  funetion  of  pH  and  ionie  strength  in  (a) 
beaker  and  (b)  bateh  systems.  The  lines  represent  the  triple-layer  surfaee  eomplexation  model  fit 
to  the  experimental  data  using  FITEQL  and  the  ehemieal  model  deseribed  in  Tables  1,  2,  and  7. 
The  solid  lines  show  the  predieted  adsorption  of  the  outer-sphere  =A10H2^-HP04^“  speeies;  the 
dashed  lines  show  the  predieted  adsorption  of  the  inner-sphere  =A10P03^“  speeies. 
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Figure  29.  The  adsorption  of  (a)  antimonate  and  (b)  sulfate  by  gibbsite  as  a  funetion  of  pH  and 
ionie  strength  in  antimonate-sulfate  direet  eompetition  systems.  The  lines  represent  the  triple¬ 
layer  surfaee  eomplexation  model  predietions  using  the  log  if'"*  values  optimized  for  non- 
eompetitive  adsorption  of  antimonate  [Model  D;  =A10H2^-Sb(0H)6~  and  (=A10)2Sb(0H)4“ 
species]  or  sulfate  (=A10H2^-S0/“  species)  (Table  7).  In  (a),  the  solid  lines  show  the  predicted 
adsorption  in  0.01  MKNO3,  the  dashed  lines  in  0.1  MKNO3.  In  (b)  the  solid  lines  show  the 
predicted  adsorption  of  the  outer-sphere  =A10H2^-S0/“  species. 
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Figure  30.  The  adsorption  of  (a)  antimonate  and  (b)  phosphate  by  gibbsite  as  a  funetion  of  pH 
and  ionie  strength  in  antimonate-phosphate  direet  eompetition  systems.  The  lines  represent  the 
triple-layer  surfaee  eomplexation  model  predietions  using  the  log  values  optimized  for  non- 
eompetitive  adsorption  of  antimonate  [Model  D;  =A10H2^-Sb(0H)6~  and  (=A10)2Sb(0H)4“ 
speeies]  or  phosphate  (=A10H2^-HP04^“  species)  (Table  7).  In  (a),  the  solid  lines  show  the 
predicted  adsorption  in  0.01  MKNO3,  the  dashed  lines  in  0.1  MKNO3.  In  (b)  the  solid  lines 
show  the  predicted  adsorption  of  the  outer-sphere  =A10H2^-HP04^~  species. 
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Summary:  Antimonate  Adsorption  by  Gibbsite 

Gibbsite  is  a  ubiquitous  and  important  mineral  in  soil.  Throughout  a  broad  pH  range,  the 
gibbsite  surface  bears  a  net  positive  change  (point  of  zero  charge  is  approximately  10.5), 
allowing  for  both  anion  and  ligand  retention.  For  this  reason,  gibbsite,  like  many  other  hydrous 
metal  oxides,  is  considered  a  natural  scavenger  for  toxins.  Antimonate  adsorption  by  gibbsite  is 
dependent  on  pH  and  ionic  strength.  Adsorption  is  negligible  in  strongly  alkaline  environments 
(pH  >  8),  and  increases  with  decreasing  pH  to  an  adsorption  maximum  in  the  pH  3  to  4  range. 
Antimonate  adsorption  decreases  with  increasing  ionic  strength,  suggesting  that  anion  exchange 
(outer-sphere  surface  complexation)  is  an  important  retention  mechanism.  The  adsorption  of 
antimonate  is  reversible  in  pH  >  5  solutions;  supporting  the  conclusion  that  antimonate  is  an 
exchangeable  anion.  However,  adsorption  is  hysteretic  (non-reversible)  in  pH  <  5  systems, 
indicating  that  inner-sphere  surface  complexation  becomes  important  with  increasing  acidity. 

Sulfate  and  phosphate,  which  are  common  anions  in  the  environment,  compete  with 
antimonate  for  adsorption  sites  at  the  gibbsite  surface.  Sulfate  is  primarily  an  exchangeable  anion 
in  moderately  acidic  to  alkaline  solutions,  and  specifically  adsorbed  in  strongly  acidic 
environments.  When  sulfate  and  antimonate  are  present  in  equal  concentrations,  sulfate 
decreases  the  retention  of  antimonite,  primarily  in  acidic  systems.  However,  sulfate  does  not 
substantially  impact  the  antimonate  adsorption  edge  (pH  at  which  50  %  of  the  added  antimonate 
is  adsorbed).  Phosphate  is  strongly  retained  by  gibbsite,  and  is  generally  considered  to  be  a  non¬ 
exchangeable,  specifically  adsorbed  ligand.  When  phosphate  and  antimonate  are  present  in  equal 
concentrations,  the  antimonate  adsorption  edge  is  shifted  to  lower  pH  values  (decreasing 
adsorption  throughout  a  broad  pH  range).  However,  phosphate  does  not  impact  the  antimonate 
adsorption  maximum  in  strongly  acidic  systems.  Greater  concentrations  of  sulfate  and  phosphate, 
as  might  be  expected  in  natural  environments  or  firing  range  soils  treated  with  phosphate  to 
stabilize  lead,  would  be  expected  to  have  a  more  pronounced  impact  on  reducing  antimonate 
retention. 

The  weak,  electrostatic  retention  of  antimonate  in  alkaline  systems,  with  increasing  inner- 
sphere  adsorption  character  with  decreasing  pH,  was  also  supported  by  the  adsorption  isotherm 
results.  A  two-site  Langmuir  adsorption  isotherm  model  was  employed  to  characterize 
antimonate  retention  by  gibbsite.  The  model  allowed  for  the  thermodynamic  assessment  of  high 
intensity-low  capacity  (site  type  1)  and  low  intensity-high  capacity  (site  type  2)  antimonate 
adsorption.  In  alkaline  systems,  antimonate  adsorption  decreased  with  increasing  temperature  for 
both  site  types,  indicating  an  outer-sphere  (anion  exchange)  adsorption  mechanism.  In  acidic 
solutions,  adsorption  by  low  intensity  sites  decreased  with  increasing  temperature,  again 
indicating  anion  exchange.  However,  antimonate  adsorption  by  high  intensity  sites  in  acidic 
systems  increased  with  increasing  temperature,  indicating  an  inner-sphere  retention  process. 

Both  the  zeta  potential  and  proton  adsorption  characteristics  of  gibbsite  indicated  that 
adsorbed  antimonate  generated  negative  surface  charge.  This  response  to  antimonate  adsorption 
is  consistent  with  the  formation  of  inner-sphere  surface  complexes.  Based  on  the  experimental 
evidence,  surface  complexation  models  were  developed  to  predict  antimonate  adsorption  using 
the  triple  layer  model  formulation.  The  antimonate  adsorption  edge  as  a  function  of  ionic 
strength  was  successfully  modeled  by  using  a  combination  of  inner-  and  outer-sphere 
mechanisms.  The  outer-sphere  mechanism  predominated  under  all  pH  and  ionic  strength 
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conditions,  with  the  inner-sphere  meehanism  beeoming  inereasingly  important  as  solution  pH 
decreased  into  the  strongly  aeidie  range.  The  surface  eomplexation  model,  when  applied  to 
competitive  antimonate-sulfate  and  antimonate -phosphate  adsorption  systems,  satisfactorily 
predicted  the  antimonate  adsorption  edge  without  further  optimization. 

Kaolinite 

Adsorption  Edge:  Reversibility 

The  adsorption  of  antimonate  by  kaolinite  is  dependent  on  solution  pH,  but  independent  of 
ionic  strength  in  the  beaker  systems  (Fig.  31).  Antimonate  adsorption  is  at  a  relative  maximum  in 
strongly  aeidie  environments  (pH  <  4),  and  deereases  with  inereasing  pH  to  negligible  levels  in 
neutral  to  alkaline  eonditions  (pH  >  7).  The  pH-dependenee  of  antimonate  adsorption  is  similar 
to  the  observed  by  other  investigators  (Xi  et  ah,  2010;  Biver  et  ah,  2011),  and  for  other  anions 
(Essington,  2003).  Inereasing  antimonate  retention  with  decreasing  pH  is  consistent  with  both 
inner-sphere  and  outer-sphere  adsorption  mechanisms,  as  described  in  Eqs.  [44]  and  [45].  The 
observation  that  antimonate  adsorption  is  unaffected  by  ionic  strength  suggests  that  there  is  a 
significant  inner-sphere  component  to  the  retention  mechanism.  This  conclusion  is  also 
supported  by  desorption  edge  data  (Eig.  31).  As  pH  is  inereased  from  a  value  of  3.5,  antimonate 
does  not  readily  desorb  from  the  kaolinite  surfaee  until  the  solution  pH  exceeds  approximately  5 
(desorption  is  hysteretie).  At  pH  values  above  5  desorption  oceurs,  although  desorption  remains 
hysteretie  (the  slope  of  the  adsorption  and  desorption  edges  differ). 

The  adsorption-desorption  edge  data  suggest  that  antimonate  is  retained  by  both  strong  and 
weak  reaction  mechanisms  at  the  kaolinite  surface.  Strong,  inner-sphere  eomplexation 
mechanisms  (ligand  exchange)  appear  to  predominate  in  acidic  environments,  while  a  weak, 
outer-sphere  mechanism  (anion  exchange)  beeomes  more  prevalent  in  slightly  acidic  to  alkaline 
systems.  It  is  not  uncommon  for  the  predominant  meehanism  of  ligand  retention  (anion  versus 
ligand  exehange)  to  differ  as  a  function  of  soil  solution  pH.  Eor  example,  ligand  exehange 
meehanisms  may  predominate  in  neutral  to  acidic  systems,  while  anion  exehange  predominates 
in  alkaline  soils.  This  is  the  case  for  arsenate,  molybdate,  and  sulfate  retention  by  Ee-  and  Al- 
oxyhydroxides  (Catalano  et  ah,  2008;  Goldberg  et  ah,  2006;  Eeuz  et  ah,  2006;  Mansour  et  ah, 
2009),  and  for  antimonate  retention  on  gibbsite  (previous  seetion). 

The  reactive  surface  functional  group  on  both  gibbsite  and  kaolinite  is  the  singly- 
eoordinated  aluminol  (=A10H).  Generally,  the  reactivity  of  this  group  is  similar  on  both  surfaces, 
such  that  ligand  and  metal  adsorption  on  gibbsite  has  been  used  to  predict  adsorption  on  kaolinite 
(Sarkar  et  ah,  2000;  Essington  and  Anderson,  2008).  However,  antimonate  adsorption  by 
kaolinite  differs  from  that  by  gibbsite.  The  adsorption  maximum  for  antimonate  (pH  3.5)  is 
approximately  60  %  to  65  %  of  the  added  amount  for  kaolinite,  compared  with  80  %  to  95  %  for 
gibbsite  (Eigs.  5  and  31).  Second,  antimonate  retention  by  kaolinite  is  not  influenced  by  ionie 
strength.  Einally,  antimonate  retention  by  kaolinite  is  negligible  in  the  neutral  to  alkaline  pH 
range,  similar  to  the  findings  of  Xi  et  al.  (2010)  and  Biver  et  al.  (2011). 
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Figure  31.  The  adsorption  (1  h  equilibration)  and  desorption  (8  h  equilibration)  of  antimonate  by 
kaolinite  as  a  function  of  pH  and  ionic  strength. 


The  difference  in  the  magnitude  of  antimonate  adsorbed  by  kaolinite  and  gibbsite  may  be 
ascribed  to  the  differences  in  site  density  and  surface  area.  The  singly-coordinated  =A10H  site 
density  on  gibbsite  is  approximately  8  nm~^  (Hiemstra  et  ah,  1999),  while  that  on  kaolinite  is 
0.55  nm  (He  et  ah,  1997).  Although  kaolinite  (13.08  mg)  has  a  greater  surface  area  than 
gibbsite  (5.82  mg),  gibbsite  has  approximately  six -times  the  number  of  reactive  =A10H 
surface  sites  (77  pmol  g“'  for  gibbsite  versus  12  pmol  g“^  for  kaolinite).  Based  on  these  surface 
site  concentrations,  the  total  concentrations  of  =A10H  surface  sites  is  773  pmol  L“^  for  gibbsite 
and  120  pmol  L“^  for  kaolinite  (Table  1).  The  computed  concentration  of  antimonate  adsorbed  by 
gibbsite  at  pH  4  (0.01  MKNO3)  is  approximately  43  pmol  L“^  (84  %  of  the  added  antimonate. 
Fig.  5),  which  accounts  for  less  than  6  %  of  the  available  =A10H  sites.  Similarly  for  kaolinite, 
the  concentration  of  adsorbed  antimonate  at  pH  4  in  10  mMKN03  is  approximately  25  pmol  L~\ 
or  21  %  of  the  available,  singly-coordinated  =A10H  sites.  Thus,  only  a  fraction  of  the  available 
surface  =A10H  groups  is  participating  in  antimonate  adsorption. 

The  ionic  strength  dependence  of  antimonate  adsorption  that  is  absent  in  the  kaolinite  data, 
but  present  in  gibbsite,  appears  to  be  a  methodology  artifact.  Antimonate  adsorption  in  batch 
systems  (see  Adsorption  Edge:  Competitive  Effects  section  below)  does  show  an  ionic  strength 
dependency.  Thus,  the  mechanistic  interpretation  of  the  kaolinite  adsorption  data  is  consistent 
with  that  of  the  gibbsite  data;  anion  exchange  (outer-sphere  and  electrostatic)  in  alkaline  systems, 
with  a  significant  ligand  exchange  (inner-sphere  complexation  by  =A10H  surface  functional 
groups)  component  in  acidic  systems. 

Sulfate  is  retained  predominately  by  outer-sphere  mechanisms  by  kaolinite  (He  et  ah,  1997; 
Essington  and  Anderson,  2008).  Sulfate  adsorption  by  kaolinite  increases  with  decreasing  pH, 
with  a  strong  dependence  on  ionic  strength  (Fig.  32a).  In  addition,  sulfate  adsorption  is  reversible 
throughout  the  entire  pH  range  studied  (non-hysteretic;  the  adsorption  and  desorption  edges 
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overlap),  differing  from  the  desorption  behavior  of  antimonate  (Fig.  31).  These  findings  are 
consistent  with  an  anion  exchange  mechanism  and  the  weak,  electrostatic  retention  of  sulfate. 
Sulfate  retention  is  also  depressed,  relative  to  that  of  antimonate,  throughout  the  entire  pH  range 
studied  and  particularly  in  the  higher  ionic  strength  systems  (Fig.  33).  Despite  their  similar  acid 
pifa  values  (1.99  for  sulfate  and  2.85  for  antimonate;  Table  2),  the  retention  of  antimonate  by 
kaolinite  is  greater  than  that  of  sulfate,  less  affected  by  ionic  strength,  and  hysteretic. 

Phosphate  is  retained  by  inner-sphere  surface  complexation  mechanisms  throughout  a  broad 
pH  range  (He  et  al.,  1997;  loannou  and  Dimirkou,  1997;  Essington  and  Anderson,  2008). 
Phosphate  retention  by  kaolinite  is  at  a  relative  maximum  at  approximately  pH  5,  decreasing  as 
pH  increases  or  decreases  (Fig.  32b),  and  follows  an  adsorption  envelope  that  is  similar  to  that 
observed  by  Chen  et  al.  (1973)  and  He  et  al.  (1997).  Phosphate  adsorption  increases  with 
increasing  ionic  strength,  a  finding  that  is  not  consistent  with  published  results.  Further, 
adsorption  increases  during  desorption.  These  results  may  indicate  that  adsorption  equilibrium 
was  not  achieved  during  the  1  h  reaction  period,  which  reportedly  occurs  at  reaction  times  of  24 
h  or  greater  (Chen  et  al.,  1973;  He  et  al.,  1997;  loannou  and  Dimirkou,  1997;  Essington  and 
Anderson,  2008).  Nevertheless,  phosphate  retention  by  kaolinite  exceeds  that  of  both  antimonate 
and  sulfate  (Eig.  33). 


68 


Figure  32.  The  adsorption  and  desorption  of  (a)  sulfate  and  (b)  phosphate  by  kaolinite  as  a 
funetion  of  pH  and  ionie  strength. 
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Figure  33.  The  adsorption  antimonate,  sulfate,  and  phosphate  by  kaolinite  as  a  function  of  pH  in 
(a)  10  mMKNOs  and  (b)  100  mMKNOs  ionic  media. 
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Adsorption  Edge:  Competition 

The  adsorption  of  antimonate,  sulfate,  and  phosphate  by  kaolinite  in  the  bateh  systems  (Fig. 
34)  is  similar  to  that  observed  in  the  eontinuous  titration  (beaker)  systems  (Figs.  3 1  and  32),  as 
ligand  adsorption  generally  inereases  with  deereasing  pH.  However,  antimonate  retention  in  the 
batch  systems  decreases  with  increasing  ionic  strength  (by  approximately  20  %  at  pH  3.5),  but  is 
unaffected  by  ionic  strength  in  the  beaker  systems.  Further,  phosphate  adsorption  is  insensitive  to 
changes  in  ionic  strength  in  pH  >  5  batch  systems,  a  finding  that  is  consistent  with  that  of  other 
studies  (Essington  and  Anderson,  2008).  The  differing  antimonate  and  phosphate  adsorption 
edge  results  of  the  two  experimental  designs  (beaker  and  batch)  may  be  attributed  to  the  differing 
equilibration  periods.  Essentially,  the  1  h  reaction  period  in  the  beaker  systems,  as  determined 
from  antimonate  adsorption  kinetics  on  gibbsite  (Eig.  4),  was  not  sufficient  to  achieve  adsorption 
equilibrium  in  the  kaolinite  systems.  Eor  all  three  ligands,  increasing  the  ionic  strength  depresses 
ligand  retention.  This  affect  is  most  apparent  in  strongly  acidic  systems.  The  retention  of 
antimonate  and  sulfate  is  negligible  in  pH  neutral  and  alkaline  solutions,  and  sulfate  adsorption  is 
less  than  that  of  antimonate  throughout  the  pH  range  studied.  The  strong  ionic  strength  effect  on 
antimonate  and  sulfate  adsorption  indicates  that  there  is  a  weak  electrostatic  component  to  the 
adsorption  mechanism.  Phosphate  retention  is  independent  of  ionic  strength  in  pH  >  5  solutions, 
consistent  with  inner-sphere  surface  complexation. 

The  inclusion  of  sulfate  as  a  competing  ligand  does  not  significantly  impact  antimonate 
adsorption  by  kaolinite  (Eig.  35),  except  in  the  strongly  acidic  0.01  MKNO3  solutions  and  in  the 
0.01  MKNO3  system  where  antimonate  was  preadsorbed.  Similarly,  antimonate  does  not 
significantly  reduce  sulfate  adsorption  by  kaolinite  (Eig.  36),  except  in  the  strongly  acidic,  low 
ionic  strength  solutions.  The  competitive  adsorption  findings  indicate  that  antimonate  and  sulfate 
compete  for  adsorption  sites  on  the  kaolinite  surface,  but  only  in  strongly  acidic  and  low  ionic 
strength  systems.  Eurther,  the  order  of  competing  ligand  addition  does  not  impact  adsorption. 

The  inclusion  of  phosphate  as  a  competing  ligand  reduces  the  retention  of  antimonate  by 
kaolinite  in  both  the  0.01  MKNO3  and  0.1  MKNO3  systems  (Eig.  37).  In  the  low  ionic  strength 
systems,  the  addition  of  phosphate  shifts  the  antimonate  adsorption  edge  in  the  preadsorbed 
antimonate  system  from  5  to  4.8,  and  to  approximately  4.1  in  the  preadsorbed  phosphate  and 
direct  competition  systems.  This  indicates  that  the  antimonate  is  more  competitive  with 
phosphate  when  preadsorbed.  In  the  O.I  MKNO3  medium,  antimonate  adsorption  in  the 
preadsorbed  antimonate  systems  is  not  influenced  by  phosphate.  However,  in  the  preadsorbed 
phosphate  and  direct  competition  systems,  the  antimonate  adsorption  edge  is  decreased  by 
approximately  one  pH  unit  (from  5.5  to  4.5)  relative  to  the  antimonate  alone  systems.  Eurther, 
antimonate  retention  in  the  high  ionic  strength  and  strongly  acidic  systems  is  not  influenced  by 
phosphate.  The  reduced  impact  of  phosphate  on  antimonate  retention  in  these  systems  is 
associated  with  the  concomitant  reduction  in  phosphate  adsorption  as  solution  pH  decreases 
below  approximately  4.5  (Eig  34c).  In  the  low  ionic  strength  systems  (0.01  MKNO3),  the 
adsorption  of  phosphate  is  decreased  by  the  addition  of  antimonate,  primarily  in  the  pH  <  5 
solutions  (Eig.  38a).  This  effect  was  also  present  in  the  0.1  MKNO3  solutions,  but  to  a  lesser 
degree  (Eig.  38b). 

The  impact  of  phosphate  and  sulfate  on  antimonate  adsorption  by  kaolinite  in  the  direct 
competition  systems  is  compared  in  Eig.  39.  In  general,  both  pH  and  ionic  strength  (NO3 
concentration)  influenced  the  competitive  effects  of  sulfate  and  phosphate  on  antimonate 
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retention.  Low  ionic  strength  and  acidic  conditions  enhanced  the  competitive  effects  of  both 
sulfate  and  phosphate. 

Adsorption  Isotherms:  Thermodynamics 

The  adsorption  of  antimonate  by  kaolinite  in  both  pH  5.5  and  8,  0.01  MKNO3  solutions  is 
Langmuirian;  adsorption  intensity  (isotherm  slope)  decreases  with  increasing  surface  coverage 
(Fig.  40a).  The  adsorption  isotherms  are  linear  in  log-log  space  (Fig.  40b),  indicating  that  the 
isotherms  are  appropriately  described  by  the  Freundlich  isotherm  model  (Eq.  [3]).  Antimonate 
adsorption  is  strongly  influenced  by  pH,  as  adsorption  increases  with  increasing  acidity, 
consistent  with  the  adsorption  edge  findings  described  in  the  previous  sections  (Figs.  31  and  34). 
On  average,  the  values  for  antimonate  adsorption  at  pH  5.5  and  8  were  138  and  15,  which 
represent  the  surface  excess  of  antimonate  {q,  in  pmol  kg“')  when  Ceq  is  unity  (Table  8). 
Adsorption  of  antimonate  from  pH  5.5  and  8  solutions  does  not  appear  to  be  particularly 
sensitive  to  temperature  (Fig.  40),  and  the  Freundlich  model  isotherm  parameters  log  Ap  and  N 
do  not  significantly  differ  as  a  function  of  temperature  (Table  8).  Further,  in  the  pH  8  systems, 
antimonate  adsorption  is  not  detected  in  the  25°C  and  35°C  systems  (again,  consistent  with  the 
adsorption  edge  results). 

Plots  of  Ka  vs.  q  indicate  that  the  adsorption  of  antimonate  in  pH  5.5  solutions  may  be 
described  by  the  two-site  Langmuir  model  (Eq.  [7];  Eig.  41).  Conversely,  the  one-site  Langmuir 
model  satisfactorily  describes  adsorption  in  pH  8  solutions  (Eig.  42).  For  all  temperatures  in  the 
pH  5.5  systems,  the  vs.  q  plot  may  be  split  into  two  linear  segments,  where  each  segment 
adheres  to  the  Langmuir  model  (Eq.  [5]).  The  linear  segment  at  low  q  describes  high  intensity 
and  low  capacity  antimonate  adsorption  (type  1  sites);  whereas  at  high  q,  low  intensity  and  high 
capacity  retention  (type  2  sites)  is  described.  The  slope,  and  Ka  and  q  intercept  values  obtained 
through  the  linear  regression  analysis  of  the  isotherm  segments  in  Eig.  41  were  used  to  compute 
the  two-site  Langmuir  isotherm  parameters;  K\  and  b\,  and  K2  and  ^2,  using  the  interpolation 
procedure  of  Sposito  (1982)  (Table  8).  Linear  regression  analysis  of  the  Ka  vs.  q  plots  in  Eig.  42 
was  used  to  derive  the  one-site  Eangmuir  parameters  for  antimonate  adsorption  in  pH  8  systems. 
The  Ki  and  b\  parameters  describe  antimonate  adsorption  by  high  intensity  and  low  capacity 
sites,  while  K2  and  hi  describe  adsorption  by  low  intensity  and  high  capacity  sites.  The  Henry’s 
Eaw  constants  for  the  type  1  sites  (Aadi),  generated  from  the  Eangmuir  parameters  Ki  and  hi 
(Table  8),  tend  to  increase  with  increasing  temperature  in  the  pH  5.5  systems  (Eig.  43).  However, 
KaA2  does  not  vary  as  a  function  of  temperature.  Similarly,  K^a  does  not  vary  as  a  function  of 
temperature  for  adsorption  in  pH  8  systems. 

Both  the  enthalpy  (A/7ad)  and  entropy  (Ah'ad)  of  adsorption  were  computed  for  antimonate 
adsorption  using  the  van’t  Hoff  equation  (Eq.  [9]),  as  applied  to  the  In  K^a  vs.  7^^  data  in  Fig.  43. 
For  high  intensity,  low  capacity  adsorption  (type  1  sites)  in  pH  5.5,  AH^a  is  positive  (16.68  kJ 
moE^)  and  TASaA  is  large  (28.33  kJ  moF^  at  298  K)  relative  to  AHaA,  indicating  that  antimonate 
adsorption  is  endothermic  and  entropically  driven  (Table  9).  However,  for  pH  8,  and  for  low 
intensity,  high  capacity  adsorption  (type  2  sites)  in  pH  5.5,  AHaA  is  positive,  but  not  significantly 
different  from  zero,  and  TAS'ad  is  large  relative  to  AHaA,  indicating  that  antimonate  adsorption  is 
entropically  driven.  For  both  site  types,  and  for  both  pH  conditions,  the  free  energy  of  adsorption 
(A Gad)  is  negative,  indicating  that  antimonate  adsorption  is  spontaneous. 

Exothermic  (negative  AHaA),  enthalpically-driven  adsorption  is  generally  indicative  of  an  ion 
exchange  mechanism  (adsorption  increases  with  decreasing  temperature).  Thus,  antimonate 
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adsorption  by  kaolinite  in  pH  8,  and  by  type  2  sites  in  pH  5.5,  is  predominately  an  outer-sphere 
surfaee  eomplexation  proeess.  Antimonate  adsorption  by  type  1  sites  in  pH  5.5  is  endothermie 
(positive  AHad)  and  entropieally-driven  (heat  is  absorbed  during  antimonate  adsorption), 
suggesting  inner-sphere  eomplexation.  Although  AHad  is  positive  (16.68  kJ  mol”^),  the 
magnitude  of  AHad  is  small  relative  to  that  typically  found  for  the  inner-sphere  surface 
eomplexation  of  ligands.  Enthalpy  values  for  the  retention  of  specifically-adsorbed  ligands  by 
variable-charge  minerals  are  generally  <  40  kJ  mol”',  although  similar  in  magnitude  AHad  values 
have  been  used  to  infer  an  ion  exchange  mechanism  (Zhang  and  Selim,  2008;  Li  et  ah,  2008; 
Ferreiro  and  de  Bussetti,  2007).  The  inner-sphere  adsorption  of  arsenate  by  A1  and  Fe  oxides  has 
been  reported  to  generate  AHad  values  of  25. 1 1  and  17.83  kJ  mol”'  (Helmy  et  ah,  1996;  Parley  et 
ah,  2008).  Enthalpy  values  for  the  inner-sphere  eomplexation  of  phosphate  and  2-ketogluconate 
by  Fe  oxides  range  between  22  and  81.84  kJ  moF^  (Juang  and  Chung,  2004;  Mezzener  and 
Bensmaili,  2008;  Mustafa  et  ah,  2008:  Journey  et  ah,  2010).  The  A/7ad  value  computed  for 
antimonate  adsorption  to  the  high  intensity  sites  indicates  that  there  is  an  inner-sphere 
component  to  the  retention  mechanism  in  acidic  systems. 


Table  8.  Freundlich  and  two-site  Langmuir  isotherm  parameters,  and  the  Henry’s  Law  constants 
(Kad  values)  for  the  adsorption  of  antimonate  by  kaolinite. 


Freundlich  parameterst 

Two-site  Langmuir  parameters^ 

H 

0 

0 

log  Af 

Af 

N 

Ki 

bi 

Kadi 

Ki 

bi 

Kadi 

pH  5.5 

5 

2.063 

115.6 

0.633 

0.2071 

376 

77.85 

0.0199 

2143 

42.65 

15 

2.012 

102.8 

0.639 

0.2285 

314 

71.85 

0.0337 

1206 

40.68 

25 

2.062 

115.3 

0.589 

0.5498 

188 

103.2 

0.0493 

1148 

56.56 

35 

2.336 

216.8 

0.421 

0.3150 

484 

152.3 

0.0552 

804.0 

44.39 

pH8§ 

Kl 

b 

Kad 

5 

1.077 

11.9 

0.828 

0.0277 

475.0 

13.13 

15 

1.276 

18.9 

0.639 

0.0467 

302.4 

14.11 

25 

35 

tlog  Af  and  N  were  obtained  by  linear  regression  analysis  of  Eq.  [3].  Within  pH,  log  and  N  do 
not  differ  significantly  at  a  function  of  temperature  atP  =  0.05. 

XKi  and  b\  (high  intensity,  low  capacity  adsorption),  and  Ki,  and  bi  (low  intensity,  high  capacity 
adsorption)  were  obtained  by  linear  regression  analysis  of  Eq.  [5]  and  the  data  presented  in  Fig. 
41,  and  by  employing  the  method  of  Sposito  (1982);  Kadi  =  biKi  and  Kadi  =  biKi,  for  the  two-site 
Langmuir  model  (Eq.  [7]).  Units  of  Ki  and  K2  are  L  pmoU';  by  and  bi  are  pmol  kg“^;  and  Kadi 
and  Kadi  are  L  kg“' . 

§The  Langmuir  parameters  for  antimonate  adsorption  in  pH  8  were  obtained  by  linear  regression 
analysis  of  Eq.  [5]  and  the  data  presented  in  Fig.  42  for  the  one-site  Langmuir  model  (Eq.  [4]). 
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Figure  34.  The  adsorption  of  (a)  antimonate,  (b)  sulfate,  and  (c)  phosphate  by  kaolinite  from 
batch  equilibrium  systems  as  a  function  of  pH  and  ionic  strength.  The  solid  lines  represent  the 
application  ofEq.  [46]. 
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Figure  35.  The  competitive  adsorption  of  antimonate  by  kaolinite  in  the  presence  of  sulfate  in  (a) 
10  mMKN03  and  (b)  100  mMKNOs  electrolyte  media  as  a  function  of  pH  and  method  of 
sulfate  addition.  The  solid  lines  represent  the  application  Eq.  [46]. 


75 


3456789  10 


pH 


Figure  36.  The  eompetitive  adsorption  of  sulfate  by  kaolinite  in  the  presenee  of  antimonate  in  (a) 
10  mMKNOs  and  (b)  100  mMKNOs  electrolyte  media  as  a  function  of  pH  and  method  of 
antimonate  addition.  The  solid  lines  represent  the  application  Eq.  [46]. 
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Figure  37.  The  eompetitive  adsorption  of  antimonate  by  kaolinite  in  the  presenee  of  phosphate  in 
(a)  10  mMKN03  and  (b)  100  mMKNOs  electrolyte  media  as  a  function  of  pH  and  method  of 
phosphate  addition.  The  solid  lines  represent  the  application  Eq.  [46]. 
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Figure  38.  The  eompetitive  adsorption  of  phosphate  by  kaolinite  in  the  presenee  of  antimonate  in 
(a)  10  mMKNOs  and  (b)  100  mMKNOs  electrolyte  media  as  a  function  of  pH  and  method  of 
antimonate  addition.  The  solid  lines  represent  the  application  Eq.  [46]. 
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Figure  39.  The  eompetitive  adsorption  of  antimonate  by  kaolinite  in  the  presence  of  sulfate  and 
phosphate  in  (a)  10  mMKNOs  and  (b)  100  mMKN03  electrolyte  media  as  a  function  of  pH  for 
the  direct  ligand  competition  systems. 
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Figure  40.  Adsorption  isotherms,  plotted  in  (a)  normal  space  and  (b)  log-log  space,  illustrating 
the  adsorption  {q)  of  antimonate  in  0.01  MKNO3  by  kaolinite  (10  g  L“')  as  a  function 
equilibrium  solution  concentration  (Cgq),  pH,  and  temperature. 
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Figure  41.  Application  of  the  transformed  version  of  the  Langmuir  model  to  vs.  q  plots  of  the 
pH  5.5  antimonate  adsorption  isotherm  data  described  in  Fig.  40a.  The  adsorption  of  antimonate 
by  kaolinite  is  described  by  two  separate  Langmuir  isotherm  equations  (Table  8). 
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Figure  42.  Application  of  the  transformed  version  of  the  Langmuir  model  to  vs.  q  plots  of  the 
pH  8  antimonate  adsorption  isotherm  data  described  in  Fig.  40a.  The  adsorption  of  antimonate  by 
kaolinite  is  described  by  the  Langmuir  isotherm  equation  (Table  8). 
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Figure  43.  Temperature  dependence  of  the  Henry’s  Law  constant  for  high  intensity,  low  capacity 
(site  type  1;  Kadi  =  K\b\)  and  low  intensity,  high  capacity  (site  type  2;  K^di  =  .^2^2)  for 
antimonate  adsorption  by  kaolinite  {Ki  and  K2,  and  b\  and  ^2  are  adsorption  constants  from  the 
two-site  Langmuir  equation,  Eq.  [7]).  The  lines  represent  the  least  squares  linear  regression 
analysis  of  the  van’t  Hoff  equation  (Eq.  [9])  and  the  In  K^d  vs.  data,  where  T  is  the 
thermodynamic  temperature. 
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Table  9.  Thermodynamic  parameters  for  the  adsorption  of  antimonate  by  kaolinite.t 


Site  type  1 

Site  type  2 

Temperature 

A//ad 

AAad 

AGad 

A/7ad 

AAad 

AGad 

°C 

kJ  moE* 

J  K-^moE' 

kJ  moE* 

kJ  moE^ 

J  K'^moE^ 

kJ  moE* 

pH  5.5 

5 

16.68 

95.01 

-9.77 

3.29t 

43.02 

-8.68 

15 

-10.70 

-9.11 

25 

-11.65 

-9.54 

35 

-12.60 

-9.97 

pH  8 

5 

4.78t 

38.58 

-5.95 

15 

-6.34 

tEnthalpy  (A//ad)  and  entropy  (A^ad)  of  adsorption  are  temperature  independent  and  computed 
using  the  van’t  Hoff  equation  (Eq.  [9])  analysis  of  the  influence  of  temperature  on  the  Henry’s 
Eaw  constant  for  antimonate  adsorption  by  site  types  1  and  2  (Eig.  43).  Eree  energy  of  adsorption 
(A Gad)  computed  using  Eq.  [11]. 

JAZ/ad  values  are  not  significantly  different  from  0  based  on  the  linear  regression  analysis  of  Eig. 
43. 


Electrostatics  at  the  Solid-Solution  Interface 

Zeta  potential  and  proton  adsorption  curves  for  kaolinite  in  the  swamping  electrolyte 
(KNO3)  are  illustrated  in  Eig.  44.  The  KNO3  system  is  assumed  to  represent  surface  charging  in 
the  absence  of  inner-sphere  complexation.  Eor  kaolinite,  the  isoelectric  point  (lEP)  and  the  point 
of  zero  charge  (PZC)  is  4.5  in  0.01  MKNO3,  shifting  to  6.5  in  0.1  MKNO3  (Pig.  44a).  The  lack 
of  a  common  intersection  point  (CIP)  for  the  zeta  potential  measurements,  and  an  increasing  lEP 
with  increasing  ionic  strength,  are  consistent  with  the  findings  of  others  (Vane  and  Zang,  1997; 
Chassange  et  al.,  2009;  Kosmulski  and  Dahlsten,  2006).  Generally,  these  findings  for  kaolinite 
indicate  the  inner-sphere  complexation  of  potassium,  although  other  causes  have  been  suggested 
(Chassange  et  ah,  2009).  The  measured  kaolinite  lEP  (in  0.01  MKNO3)  is  within  the  2.9  to  5 
range  compiled  by  Kosmulski  (2009).  The  adsorbed  proton  concentration  (Qh)  increases  with 
decreasing  pH,  with  a  CIP  of  approximately  4.4.  However,  was  not  influenced  by  the 
background  electrolyte  concentration  (Pig.  44b),  a  result  of  the  low  surface  reactivity  of 
kaolinite. 

When  a  ligand  other  than  the  indifferent  electrolyte  is  present,  electrophoretic  mobility  will 
reflect  the  adsorption  mechanism.  Adsorption  of  an  anionic  ligand  in  the  is-plane  will  decrease 
the  zeta  potential  and  shift  the  lEP  to  lower  pH  values  (additional  protonation,  i.e.,  lower  pH, 
required  for  site  neutralization).  The  adsorption  of  a  ligand  in  the  os-plane  will  not  affect  the  lEP, 
relative  to  that  in  the  indifferent  electrolyte.  However,  a  decrease  in  the  zeta  potential  may  be 
observed  if  the  adsorbed  ligand  has  higher  valence  than  the  indifferent  electrolyte  (providing 
greater  negative  charge  to  the  near-surface  region  bounded  by  the  particle  shear  plane).  The 
proton  adsorption  characteristics  may  also  be  used  to  infer  the  ligand  adsorption  mechanism. 
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Adsorption  of  an  anionic  ligand  in  the  is-plane  will  increase  Qa  in  response  to  the  addition  of 
intrinsic  negative  surface  charge  (decreasing  Ois),  while  adsorption  of  a  ligand  in  the  os-plane 
will  not  have  an  effect  on 

The  presence  of  K2SO4  results  in  a  negative  shift  in  the  zeta  potential  of  kaolinite  when  pH 
<  7,  relative  to  the  KNO3  systems  (Fig.  44a).  At  pH  4,  the  zeta  potential  shifts  from  +2.0  mV  in 
0.01  MKNO3  to  -20.2  mV  in  0.01  MK2SO4,  and  to  -17.1  mV  in  0.01  MKNO3  +  0.01  M 
K2SO4.  Similarly,  the  zeta  potential  shifts  from  +12.2  mV  in  0.1  MKNO3  to  -5.7  mV  0.1  M 
KNO3  +  0.01  MK2SO4.  The  less  positive  zeta  potential  values  indicate  that  the  adsorbed 
complexes  of  sulfate  provide  greater  negative  charge  to  the  near-surface  region  bounded  by  the 
particle  shear  plane,  relative  to  the  background  electrolyte  (divalent  S04^~  vs.  monovalent  N03~). 
Further,  a  charge  reversal  is  not  observed  within  the  pH  range  studied  when  sulfate  is  present, 
which  suggests  the  inner-sphere  complexation  of  sulfate.  A  comparison  of  the  KNO3  and  K2SO4 
systems  indicates  that  sulfate  adsorption  results  is  an  upward  shift  in  Qh,  also  reflective  of  the 
inner-sphere  complexation  of  S04^~(Fig.  44b). 

The  presence  of  KH2PO4  also  results  in  a  negative  shift  in  the  zeta  potentials  of  kaolinite, 
relative  to  the  KNO3  systems  (Fig.  45a),  which  is  observed  when  pH  is  less  than  10.  At  pH  4,  the 
zeta  potential  shifts  from  +2.0  mV  in  0.01  MKNO3  to  -22.4  mV  in  0.01  MKH2PO4,  and  to  - 
23.6  mV  in  0.01  MKNO3  +  0.01  MKH2PO4.  Similarly,  the  zeta  potential  shifts  from  +12.2  mV 
in  0.1  MKNO3  to  -12.2  mV  0.1  MKNO3  +  0.01  MKH2PO4.  A  surface  charge  reversal  was  also 
not  observed  in  the  pH  range  studied,  although  an  extrapolation  of  the  zeta  potential  vs.  pH 
curves  indicates  that  charge  reversal  would  occur  in  the  pH  2  to  3  range  for  the  three  KH2PO4 
systems.  This  is  macroscopic  evidence  of  the  inner-sphere  complexation  of  phosphate  by 
kaolinite.  This  finding  is  consistent  with  the  strong  phosphate  adsorption  behavior,  and  the  lack 
of  an  ionic  strength  effect  (Fig.  34c).  A  comparison  of  the  KNO3  and  KH2PO4  systems  indicates 
that  phosphate  adsorption  results  is  an  upward  shift  in  Qh,  which  is  similar  in  magnitude  to  that 
observed  during  sulfate  adsorption  when  pH  <  pHp^c.  This  is  reflective  of  the  inner-sphere 
complexation  of  phosphate  species  (H2P04~  and  HP04^~). 

The  influence  of  KSb(OH)6  on  the  zeta-potential  and  Qh  at  the  kaolinite  surface  was  more 
pronounced  than  that  of  either  sulfate  or  phosphate  (Fig.  46).  The  presence  of  KSb(OH)6  results 
in  a  negative  shift  in  the  zeta  potentials  of  kaolinite,  relative  to  the  KNO3  systems  (Fig.  46a)  for 
all  pH  values  less  than  10.  At  pH  4,  the  zeta  potential  shifts  from  +2.0  mV  in  0.01  MKNO3  to  - 
41.4  mV  in  0.01  MKSb(OH)6,  and  to  -42.1  mV  in  0.01  MKNO3  +  0.01  MKSb(OH)6. 

Similarly,  the  zeta  potential  shifts  from  +12.2  mV  in  0.1  MKNO3  to  -22.6  mV  0.1  MKNO3  + 
0.01  MKSb(OH)6.  A  surface  charge  reversal  was  also  not  observed  in  the  pH  range  studied, 
reflecting  the  inner-sphere  complexation  of  antimonate.  A  comparison  of  the  KNO3  and 
KSb(OH)6  systems  shows  that  antimonate  adsorption  results  in  an  upward  shift  in  Qh,  which 
indicates  the  inner-sphere  complexation  of  antimonate,  particularly  when  pH  <  6  (Fig.  46b). 
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Figure  44.  The  influenee  of  sulfate  on  kaolinite  (a)  zeta  potential  and  (b)  proton  adsorption  as  a 
funetion  of  pH,  ionie  strength,  and  eleetrolyte  composition. 
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Figure  45.  The  influence  of  phosphate  on  kaolinite  (a)  zeta  potential  and  (b)  proton  adsorption  as 
a  function  of  pH,  ionic  strength,  and  electrolyte  composition. 
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Figure  46.  The  influenee  of  antimonate  on  kaolinite  (a)  zeta  potential  and  (b)  proton  adsorption 
as  a  funetion  of  pH,  ionie  strength,  and  eleetrolyte  eomposition. 


Surface  Complexation  Modeling 

The  antimonate  adsorption  edge  and  adsorption  isotherm  studies,  eoupled  with  the  effeets  of 
antimonate  on  kaolinite  surfaee  eharging,  indieate  that  antimonate  retention  by  kaolinite  oeeurs 
via  a  eombination  of  inner-  and  outer-sphere  eomplexation  meehanisms.  Specifieally,  antimonate 
retention  predominately  oeeurs  via  an  outer-sphere  mechanism  (=A10H2^-Sb(0H)6~)  in  neutral 
to  slightly  acidic  systems,  with  increasing  inner-sphere  complexation  character  as  pH  is 
decreased  into  the  strongly  acidic  range.  Spectroscopic  studies  indicate  that  the  retention  of 
antimonate  by  hydrous  aluminum  oxides  and  kaolinite  (with  =A10H  surface  functionality) 
proceeds  via  mono-  and  bidentate  inner-sphere  surface  complexation  processes  (=A10Sb(0H)5“ 
and  (=A10)2Sb(0H)4“)  under  acidic  (pH  5)  conditions  (Ilgen  and  Trainor,  2012).  These  studies 
also  suggest  that  the  bidentate  complex  is  the  predominant  inner-sphere  species.  The  anion 
exchange,  and  monodentate  and  bidentate  ligand  exchange  processes  are  illustrated  in  Fig.  22 
and  described  in  Eqs.  [26]  through  [29]. 

Two  experimental  techniques  were  employed  to  generate  the  antimonate,  sulfate,  and 
phosphate  adsorption  edge  data  {q  vs.  pH)  as  a  function  of  ionic  strength:  continuous  titration 
beaker  systems  (Figs.  31  and  32)  and  the  competitive  adsorption  batch  systems  (Fig.  34).  Both 
data  sets  were  used  to  develop  the  chemical  models  for  ligand  adsorption  by  kaolinite.  Four 
models  were  evaluated  for  their  ability  to  describe  the  antominate  adsorption  edge.  Model  A 
assumes  that  the  adsorption  of  antimonate  occurs  via  a  combination  of  outer-  and  inner-sphere 
retention  processes,  forming  =A10H2^-Sb(0H)6~  and  the  monodentate  =A10Sb(0H)5“  surface 
species.  Using  the  triple-layer  SCM,  coupled  with  the  2-pAa  approach,  the  adsorption  of 
antominate  was  well-predicted  in  the  pH  3  to  10  range  (Figs.  47  and  48).  The  goodness-of-fit 
parameters  for  the  beaker  and  batch  data  sets  (Vy  =  3.850  and  2.823)  indicate  that  the  model 
satisfactorily  describes  the  adsorption  edges  (Table  10).  Further,  the  common  logarithms  of  the 
intrinsic  surface  complexation  constants  for  the  batch  and  beaker  systems  (log  A'"*  =  10.59  and 
1 1.02  for  =A10H2^-Sb(0H)6~  formation;  log  A'"'  =  0.34  and  0.64  for  =A10Sb(OH)5“  formation) 
are  similar.  The  monodentate  complex  is  the  predominant  surface  species  in  the  more  acidic 
systems;  while  the  outer-sphere  complex  predominates  at  higher  pH  values. 

Model  B  also  employs  a  combination  of  outer-  and  inner-sphere  surface  species,  forming 
=A10H2^-Sb(0H)6~  and  the  bidentate  (=A10)2Sb(0H)4“  species  (Fig.  49;  Table  10).  The  model 
could  only  be  applied  to  the  batch  systems,  as  there  was  no  convergence  in  FITEQL  for  the 
beaker  systems.  The  adsorption  of  antominate  is  well-predicted  by  this  model  in  the  pH  3  to  10 
range.  The  goodness-of-fit  parameters  for  the  batch  data  set  (Vy  =  5.213)  indicates  that  the 
model  satisfactorily  describes  the  adsorption  edges.  The  common  logarithms  of  the  intrinsic 
surface  complexation  constants  for  the  outer-sphere  complex  is  log  A'"*  =  11.17;  and  that  for  the 
bidentate  species  is  log  =  5.01.  The  bidentate  complex  is  the  predominant  surface  species  in 
the  pH  <  4.5  (0.01  MKNO3)  and  <5.5  (0.1  MKNO3)  range;  while  the  outer-sphere  complex 
predominates  at  higher  pH  values.  Relative  to  Model  A  (outer-sphere  and  monodentate  inner- 
sphere  surface  complexes;  Eigs.  47  and  48),  Model  B  under  predicts  antimonate  adsorption  when 
pH  <4.5. 

In  addition  to  the  two  models  that  consider  both  outer-  and  inner-sphere  complexation  of 
antimonate  (Models  A  and  B),  surface  complexation  models  that  consider  only  inner-sphere 
complexation  of  antimonate  by  kaolinite  also  provide  satisfactory  descriptions  of  the  adsorption 
edge  data.  Model  C  employed  a  combination  of  mono-  and  bidentate  surface  species 
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(=A10Sb(0H)5~  and  (=A10)2Sb(0H)4“),  as  inferred  from  speetroseopie  analysis  of  adsorbed 
antimonate  on  hydrous  aluminum  oxides  (Ilgen  and  Trainor,  2012).  The  adsorption  of 
antominate  is  well-predieted  in  the  pH  3  to  10  range  (Figs.  50  and  51).  The  goodness-of-fit 
parameters  for  the  beaker  and  bateh  data  sets  (Vy  =  2.510  and  4.056)  indieate  that  the  model 
satisfactorily  describes  the  adsorption  edges  (Table  10).  Further,  the  common  logarithms  of  the 
intrinsic  surface  complexation  constants  for  the  batch  and  beaker  systems  (log  A'"*  =  0.25  and 
1.12  for  =A10Sb(OH)5~  formation;  log  =  5.14  and  5.06  for  (=A10)2Sb(0H)4~  formation)  are 
similar.  For  the  beaker  systems,  the  bidentate  species  is  predicted  to  predominate  throughout  the 
pH  range  studied.  However,  in  the  batch  systems,  the  monodentate  complex  is  the  predominant 
surface  species.  Model  D  employs  only  the  bidentate  surface  complex  (Fig.  52).  This  model 
satisfactorily  describes  the  antimonate  adsorption  edge  (Vy  =  2.876),  but  only  converged  for  the 
beaker  systems  (Table  10).  The  common  logarithms  of  the  intrinsic  surface  complexation 
constant  is  log  =  5.33  for  (=A10)2Sb(0H)4~  formation. 

The  surface  complexation  models  that  employ  both  an  outer-sphere  and  an  inner-sphere 
surface-bound  antimonate  (Models  A  and  B)  provide  a  satisfactory  description  of  the  adsorption 
edge  data.  The  models  indicate  that  the  inner-sphere  surface  species  account  for  a  bulk  of  the 
adsorption  in  the  pH  <  4  to  5  systems,  while  the  outer-sphere  species  predominates  as  solution 
pH  increases.  The  increasing  significance  of  an  inner-sphere  surface  complex  as  solution  pH 
decreases  into  the  strongly  acidic  range  is  supported  by  the  experimental  evidence.  Antimonate 
adsorption  is  hysteretic  in  pH  <  5  systems,  becoming  reversible  with  increasing  pH  (Fig.  31). 
Adsorption  by  high  intensity,  low  capacity  sites  in  pH  5.5  solutions  is  endothermic  and 
entropically-driven  (suggesting  an  inner-sphere  component  to  the  adsorption  process).  Further, 
both  the  zeta  potential  and  proton  adsorption  data  suggest  an  inner-sphere  component  to  the 
adsorption  process  (Fig.  46). 

In  order  to  predict  competitive  adsorption  in  antimonate-sulfate  and  antimonate-phosphate 
systems,  intrinsic  constants  for  the  retention  of  sulfate  and  phosphate  must  be  determined.  The 
adsorption  of  sulfate  by  kaolinite  is  strongly  influenced  by  solution  ionic  strength  (Figs.  32a  and 
34b)  and  is  reversible  throughout  the  pH  range  studied.  Sulfate  adsorption  does  not  result  in  a 
charge  reversal  on  the  kaolinite  surface,  and  proton  adsorption  increases  in  pH  <  5  solutions, 
relative  to  the  indifferent  KNO3  electrolyte  alone  (Fig.  44).  These  experimental  findings  indicate 
that  sulfate  retention  proceeds  primarily  through  an  outer-sphere  surface  complexation 
mechanism,  but  that  an  inner-sphere  mechanism  increases  in  importance  as  solutions  become 
strongly  acidic.  Sulfate  adsorption  by  kaolinite  was  successfully  modeled  by  considering  only 
outer-sphere  complexation  and  the  formation  of  =A10H2^-S04^~  (Fig.  53).  The  goodness-of-fit 
parameters  for  the  beaker  and  batch  data  sets  (Vy  =  1.051  and  2.629)  indicate  that  the  model 
satisfactorily  describes  the  adsorption  edges  (Table  10).  The  common  logarithms  of  the  intrinsic 
surface  complexation  constants  for  the  batch  and  beaker  systems  are  log  =  7.11  and  7.66. 

Phosphate  displays  strong  adsorption  by  kaolinite,  relative  to  antimonate  and  sulfate  (Figs. 
32b  and  34c).  Phosphate  adsorption  is  independent  of  ionic  strength  (batch  data),  shifts  the 
kaolinite  lEP  from  4.4  to  the  2  to  3  range,  and  increases  proton  adsorption  throughout  a  broad  pH 
range  (relative  to  the  KNO3  systems)  (Fig.  45).  These  experimental  results  indicate  that 
phosphate  is  retained  primarily  by  inner-sphere  surface  complexation  mechanisms.  Johnson  et  al. 
(2002)  and  Van  Emmerik  et  al.  (2007)  reported  that  phosphate  formed  monodentate  inner-sphere 
surface  complexes  on  Y-AI2O3  and  gibbsite,  and  that  outer-sphere  complexation  contributed  to 
adsorption  in  alkaline  systems  (pH  >  8).  The  adsorption  of  phosphate  by  kaolinite  has  been 
successfully  described  by  considering  combination  of  monodentate  inner-sphere  and  outer- 
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sphere  and  the  formation  of  =A10P03^~,  =A10P020H“,  and  =Si0H2^-P04^~  speeies  (He  et  ah, 
1997).  Phosphate  adsorption  by  kaolinite  in  the  beaker  and  batch  systems  could  only  be 
predicted  by  considering  the  outer-sphere  species,  =A10H2^-P04^~  and  =A10H2^-HP04^~,  and 
the  monodentate  =A10P0(0H)2°  species  (Figs.  54  and  55).  For  the  beaker  studies,  the  0.01  and 
0.1  MKNO3  systems  were  optimized  separately  in  FITEQL.  The  chemical  model  provides  a 
satisfactory  fit  to  the  experimental  beaker  adsorption  edge  data  (Vy  =  0.503  and  0.898  for  0.01 
and  0.1  MKNO3)  (Table  10).  For  the  batch  studies,  the  two  ionic  strength  conditions  were 
optimized  concurrently  by  FITEQL,  resulting  in  a  goodness-of-fit  parameter  of  Vy  =  2.664. 
Surface  complexation  models  that  considered  multiple  inner-sphere  surface  species  (including 
=A10P020H“  and  =A10P03^~),  or  a  combination  of  inner-  and  outer-sphere  surface  species, 
would  not  converge  in  EITEQL. 

The  surface  complexation  modeling  of  competitive  adsorption,  using  the  intrinsic  constants 
obtained  from  single-adsorbate  systems,  was  investigated  for  the  direct  competition  antimonate- 
sulfate  and  antimonate-phosphate  systems  (Eigs.  35  through  38).  Although  several  models 
provided  acceptable  fits  to  the  adsorption  edge  data,  the  model  using  the  outer-sphere  =A10H2^- 
Sb(OH)6”  and  monodentate  inner-sphere  =A10Sb(OH)5“  species  was  selected  to  predict 
competitive  antimonate  adsorption  (Model  A,  Table  10).  This  model  was  selected  because  it 
considered  both  inner-  and  outer-sphere  surface  complexation,  generated  a  lower  goodness-of-fit 
parameter  relative  to  the  other  models,  described  antimonate  adsorption  in  strongly  acidic 
systems,  and  satisfactorily  described  both  the  beaker  and  batch  data  sets.  The  outer-sphere 
=A10H2^-S04^~  and  the  mixed  outer-  and  inner-sphere  phosphate  complexation  models  were 
used  to  predict  sulfate  and  phosphate  adsorption  (Table  10).  The  application  of  chemical  models 
developed  for  single-adsorbate  systems  to  binary-adsorbate  systems  has  been  met  with  limited 
success  (Essington  and  Anderson,  2008;  Goldberg,  2010).  Generally,  the  reoptimization  of  the 
intrinsic  constants  is  necessary  to  provide  an  adequate  fit  to  the  experimental  data. 

The  predicted  direct  competitive  adsorption  of  antimonate  and  sulfate  by  gibbsite  indicates 
that  antimonate  adsorption  is  generally  overpredicted  (Eig.  56a).  As  in  the  single-adsorbate 
systems  (Eig.  48),  the  inner-sphere  surface  complex  predominates  when  pH  <  5.  The  predicted 
adsorption  of  sulfate  in  the  competitive  systems  is  underpredicted  throughout  the  entire  pH  range 
(Eig.  56b).  The  goodness-of-fit  parameter  (Vy  =  20.273),  reflecting  the  poor  fit  of  the  model  to 
the  sulfate  adsorption  edge  (Herbelin  and  Westall,  1999).  As  indicated  above,  reoptimization  of 
the  intrinsic  constants  is  often  necessary  to  improve  model  prediction  (Sarkar  et  ah,  1999; 
Essington  and  Anderson,  2008).  Reoptimization  of  the  sulfate  adsorption  constant  greatly 
improved  the  model  predictions  of  both  antimonate  and  sulfate  competitive  adsorption  (Vy  = 
E630,  Eig.  57).  The  optimized  common  logarithm  of  the  intrinsic  surface  complexation  constant 
for  =A10H2^-S04^~  formation  is  log  =  10.46.  The  reoptimization  of  the  sulfate  and 
antimonate  adsorption  constants  leads  to  a  Vy  of  0.7104  (Eig.  58).  The  reoptimized  surface 
complexation  constants  (as  log  A‘°*)  are  10.76  for  =A10H2^-S04^“,  n.27  for  =A10H2^-Sb(0H)6~ 
(compared  to  n.02  unoptimized),  and  0.71  for  =A10Sb(OH)5“  (compared  to  0.64  unoptimized). 

The  goodness-of-fit  parameter  for  the  predicted  adsorption  in  the  binary  antimonate- 
phosphate  system  is  Vy  =  28.805  (Eig.  59).  The  surface  complexation  model  provides  a  poor 
prediction  of  both  antimonate  and  phosphate  adsorption.  Antimonate  adsorption  is  overpredicted 
throughout  a  broad  pH  range,  suggesting  that  the  mechanism  of  phosphate  retention  employed  in 
the  model  (outer-sphere)  is  inappropriate.  Indeed,  the  predicted  adsorption  of  antimonate  in  the 
competitive  systems  is  similar  to  that  measured  in  the  noncompetitive  systems  (compare  Eig.  59 
to  Eig.  48).  In  order  for  the  surface  complexation  model  to  predict  a  decrease  in  the  inner-sphere 


91 


retention  of  antimonate,  the  competing  surface  complexation  of  phosphate  must  also  proceed 
through  an  inner-sphere  mechanism.  Because  phosphate  is  modeled  to  form  outer-sphere 
complexes,  there  is  little  difference  between  the  predicted  inner-sphere  complexation  of 
antimonate  in  the  competitive  and  non-competitive  systems.  Attempts  to  reoptimize  the 
adsorption  constants  were  unsuccessful,  as  FITEQL  would  not  converge,  or  overflow  errors 
would  occur. 


Table  10.  Surface  complexation  models  used  to  describe  the  adsorption  of  antimonate,  sulfate, 
and  phosphate  by  kaolinite  as  a  function  of  pH  and  ionic  strength  using  the  triple-layer 
formulation. 


Reaction 

- 

logA‘"'t 

BeakerJ  Batch 

Antimonate  Model  A 

=A10H  +  H+  +  Sb(OH)6“  =  =A10H2^-Sb(0H)6“ 

10.59  ±0.05 

11.02  ±0.05 

=A10H  +  Sb(OH)6“  =  = 

=A10Sb(0H)5“  +  H2O 

0.34  ±0.04 

0.64  ±0.04 

Vy§ 

3.850 

2.823 

Antimonate  Model  B 

=A10H  +  H+  +  Sb(OH)6“  =  =A10H2^-Sb(0H)6“ 

NC 

11.17±0.02 

2=A10H  +  Sb(OH)6“  = 

(=A10)2Sb(0H)4“  +  2H2O 

NC 

5.01  ±0.03 

Vy 

NC 

5.213 

Antimonate  Model  C 

=A10H  +  Sb(OH)6“  =  = 

=A10Sb(0H)5“  +  H2O 

0.25  ±  0.74 

1.12  ±0.02 

2=A10H  +  Sb(OH)6“  = 

(=A10)2Sb(0H)4“  +  2H2O 

5.14  ±0.04 

5.06  ±0.09 

Vy 

2.510 

4.056 

Antimonate  Model  D 

2=A10H  +  Sb(OH)6“  = 

(=A10)2Sb(0H)4“  +  2H2O 

5.33  ±0.02 

NC 

Vy 

2.876 

NC 

Sulfate 

=A10H  +  +  SO/“  = 

:  =A10H2^-S04^“ 

7.11  ±0.07 

7.66  ±0.04 

=A10H  +  H+  +  NOs”  = 

=A10H2^-N03“ 

6.49  ±0.09 

6.67  ±0.04 

Vy 

1.051 

2.629 

PhosphateTl 

0.01  MKNO3 

0.1  MKNO3 

=A10H  +  H+  +  P04^“  = 

:  =A10H2^-P04^"  17.74  ±0.08 

18.55  ±0.09 

17.12  ±0.06 

=A10H  +  2H+  +  P04^“ 

=  =A10H2^-HP04^"  24.07  ±  0.07 

25.06  ±0.07 

24.67  ±  0.03 

=A10H  +  3H+  +  P04^“ 

=  =A10P0(0H)2“  ±  H2O  27.65  ±  0.33 

29.39  ±0.08 

27.86  ±0.61 

=A10H  +  +  NOs'  = 

=A10H2^-N03“ 

7.10  ±0.05 

Vy  0.5032 

0.8975 

2.664 

tCommon  logarithms  of  the  intrinsic  surface  complexation  constants  (±  standard  deviation) 
optimized  using  FITEQL,  the  antimonate  adsorption  edge  data  (Figs.  31  and  34),  and  the 
kaolinite  and  suspension  parameters  described  in  Tables  1  and  2. 

J Adsorption  edge  data  were  obtained  from  the  continuous  titration  ‘Beaker’  studies,  or  the 
competitive  ‘Batch’  studies.  NC  =  no  convergence  of  FITEQL. 

§Weighted  sum  of  squares  of  residuals  divided  by  the  degrees  of  freedom. 

TlThe  0.01  and  0.1  MKNO3  systems  were  optimized  separately  for  the  phosphate  Beaker  studies. 
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Figure  47.  The  adsorption  of  antimonate  by  kaolinite  as  a  function  of  pH  in  the  beaker  systems  in 
(a)  0.01  MKNO3  and  (b)  0.1  MKNO3.  The  lines  represent  the  triple-layer  surface  complexation 
model  fit  to  the  experimental  data  using  FITEQL,  the  outer-sphere  =A10H2^-Sb(0H)6~  species 
and  the  monodentate  inner-sphere  =A10Sb(0H)5~  species,  and  the  chemical  model  described  in 
Tables  1,  2,  and  10. 
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Figure  48.  The  adsorption  of  antimonate  by  kaolinite  as  a  function  of  pH  in  the  batch  systems  in 
(a)  0.01  MKNO3  and  (b)  0.1  MKNO3.  The  lines  represent  the  triple-layer  surface  complexation 
model  fit  to  the  experimental  data  using  FITEQL,  the  outer-sphere  =A10H2^-Sb(0H)6~  species 
and  the  monodentate  inner-sphere  =A10Sb(0H)5“  species,  and  the  chemical  model  described  in 
Tables  1,  2,  and  10. 
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Figure  49.  The  adsorption  of  antimonate  by  kaolinite  as  a  function  of  pH  in  the  batch  systems  in 
(a)  0.01  MKNO3  and  (b)  0.1  MKNO3.  The  lines  represent  the  triple-layer  surface  complexation 
model  fit  to  the  experimental  data  using  FITEQL,  the  outer-sphere  =A10H2^-Sb(0H)6~  species 
and  the  bidentate  inner-sphere  (=A10)2Sb(0H)4“  species,  and  the  chemical  model  described  in 
Tables  1,  2,  and  10. 
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Figure  50.  The  adsorption  of  antimonate  by  kaolinite  as  a  funetion  of  pH  in  the  beaker  systems  in 
(a)  0.01  MKNO3  and  (b)  0.1  MKNO3.  The  lines  represent  the  triple-layer  surfaee  eomplexation 
model  fit  to  the  experimental  data  using  FITEQL,  the  monodenate  inner-sphere  =A10Sb(OH)5~ 
species  and  the  bidentate  inner-sphere  (=A10)2Sb(0H)4“  species,  and  the  chemical  model 
described  in  Tables  1,  2,  and  10. 
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Figure  5 1 .  The  adsorption  of  antimonate  by  kaolinite  as  a  funetion  of  pH  in  the  bateh  systems  in 
(a)  0.01  MKNO3  and  (b)  0.1  MKNO3.  The  lines  represent  the  triple-layer  surfaee  eomplexation 
model  fit  to  the  experimental  data  using  FITEQL,  the  monodenate  inner-sphere  =A10Sb(0H)5~ 
speeies  and  the  bidentate  inner-sphere  (=A10)2Sb(0H)4“  speeies,  and  the  ehemieal  model 
deseribed  in  Tables  1,  2,  and  10. 
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Figure  52.  The  adsorption  of  antimonate  by  kaolinite  as  a  funetion  of  pH  in  the  beaker  systems  in 
(a)  0.01  MKNO3  and  (b)  0.1  MKNO3.  The  lines  represent  the  triple-layer  surfaee  eomplexation 
model  fit  to  the  experimental  data  using  FITEQL,  the  bidentate  inner-sphere  (=A10)2Sb(0H)4~ 
species,  and  the  chemical  model  described  in  Tables  1,  2,  and  10. 
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Figure  53.  The  adsorption  of  sulfate  by  kaolinite  as  a  function  of  pH  and  ionic  strength  in  (a) 
beaker  and  (b)  batch  systems.  The  lines  represent  the  triple-layer  surface  complexation  model  fit 
to  the  experimental  data  using  FITEQL  and  the  chemical  model  described  in  Tables  1,  2,  and  10. 
The  solid  lines  show  the  predicted  adsorption  of  the  outer-sphere  =A10H2^-S04^“  species. 
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Figure  54.  The  adsorption  of  phosphate  by  kaolinite  as  a  function  of  pH  in  the  beaker  systems  in 
(a)  0.01  MKNO3  and  (b)  0.1  MKNO3.  The  lines  represent  the  triple-layer  surface  complexation 
model  fit  to  the  experimental  data  using  FITEQL  and  the  chemical  model  described  in  Tables  1, 
2,  and  10.  The  solid  lines  show  the  predicted  adsorption  of  the  outer-sphere  =A10H2^-P04^~  and 
=A10H2^-HP0/“  species,  and  the  inner-sphere  =A10P0(0H)2‘^  species. 
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Figure  55.  The  adsorption  of  phosphate  by  kaolinite  as  a  funetion  of  pH  in  the  bateh  systems  in 
(a)  0.01  MKNO3  and  (b)  0.1  MKNO3.  The  lines  represent  the  triple-layer  surface  complexation 
model  fit  to  the  experimental  data  using  FITEQL  and  the  chemical  model  described  in  Tables  1, 
2,  and  10.  The  solid  lines  show  the  predicted  adsorption  of  the  outer-sphere  =A10H2^-P04^~  and 
=A10H2^-HP0/“  species,  and  the  inner-sphere  =A10P0(0H)2‘^  species. 
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Figure  56.  The  adsorption  of  (a)  antimonate  and  (b)  sulfate  by  kaolinite  as  a  function  of  pH  and 
ionic  strength  in  antimonate-sulfate  direct  competition  systems.  The  lines  represent  the  triple¬ 
layer  surface  complexation  model  predictions  using  the  log  if'"*  values  optimized  for  non¬ 
competitive  adsorption  of  antimonate  [Model  A;  =A10H2^-Sb(0H)6~  and  =A10Sb(0H)5~ 
species]  and  sulfate  (=A10H2^-S04^“  species)  (Table  10).  The  solid  lines  show  the  predicted 
adsorption  in  0.01  MKNO3,  the  dashed  lines  in  0.1  MKNO3. 
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Figure  57.  The  adsorption  of  (a)  antimonate  and  (b)  sulfate  by  kaolinite  as  a  function  of  pH  and 
ionic  strength  in  antimonate-sulfate  direct  competition  systems.  The  lines  represent  the  triple¬ 
layer  surface  complexation  model  predictions  using  the  log  if'"*  values  optimized  for  non¬ 
competitive  adsorption  of  antimonate  [Model  A;  =A10H2^-Sb(0H)6~  and  =A10Sb(0H)5~ 
species]  and  reoptimized  for  sulfate  (=A10H2^-S04^“  species)  for  competitive  adsorption  (Table 
10).  The  solid  lines  show  the  predicted  adsorption  in  0.01  MKNO3,  the  dashed  lines  in  0.1  M 
KNO3. 
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Figure  58.  The  adsorption  of  (a)  antimonate  and  (b)  sulfate  by  kaolinite  as  a  funetion  of  pH  and 
ionie  strength  in  antimonate-sulfate  direet  competition  systems.  The  lines  represent  the  triple¬ 
layer  surface  complexation  model  predictions  using  the  log  if'"*  values  reoptimized  for 
competitive  adsorption  of  antimonate  [Model  A;  =A10H2^-Sb(0H)6~  and  =A10Sb(0H)5~ 
species]  and  sulfate  (=A10H2^-S0/“  species)  (Table  10).  The  solid  lines  show  the  predicted 
adsorption  in  0.01  MKNO3,  the  dashed  lines  in  0.1  MKNO3. 
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Figure  59.  The  adsorption  of  (a)  antimonate  and  (b)  phosphate  by  kaolinite  as  a  function  of  pH 
and  ionic  strength  in  antimonate-phosphate  direct  competition  systems.  The  lines  represent  the 
triple-layer  surface  complexation  model  predictions  using  the  log  values  optimized  for  non¬ 
competitive  adsorption  of  antimonate  [Model  A;  =A10H2^-Sb(0H)6~  and  =A10Sb(0H)5~ 
species]  or  phosphate  (=A10H2^-HP04^“,  =A10H2^-P0/“,  and  =A10P0(0H)2°  species)  (Table 
10).  The  solid  lines  show  the  predicted  adsorption  in  0.01  MKNO3,  the  dashed  lines  in  0.1  M 
KNO3. 
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Summary:  Antimonate  Adsorption  by  Kaolinite 

Kaolinite  is  perhaps  the  most  ubiquitous  aluminosilieate  mineral  in  soil.  Kaolinite  generally 
displays  low  surfaee  reaetivity.  Throughout  a  broad  pH  range,  the  kaolinite  surface  bears  a  net 
negative  change  (point  of  zero  charge  is  approximately  4.5).  However,  not  all  surface  functional 
groups  bear  net  negative  charge  at  pH  values  above  the  pHpzc,  as  kaolinite  surface  charge  is 
derived  from  three  sources.  The  isomorphic  substitution  of  Al^^  for  Si"^^  in  the  crystal  structure 
lends  a  permanent  negative  charge  to  the  surface.  Generally,  this  negative  structural  charge  is 
small  and  satisfied  by  exchangeable  cations  on  the  planar  surface  of  the  mineral.  The  mineral 
edges  bear  charge  through  the  protonation  and  deprotonation  of  singly-coordinated  silanol 
(=SiOH)  and  aluminol  (=A10H)  functional  groups.  The  silanol  group  is  primarily  responsible  for 
metal  adsorption,  as  positive  charge  via  protonation  (=SiOH2^)  only  becomes  predominant  at  pH 
values  less  than  2.  However,  the  aluminol  group  bears  a  net  positive  charge  (=A10H2^)  and  the 
ability  to  attract  anions  throughout  a  broad  pH  range,  with  a  pHpzc  of  approximately  8.5. 

Antimonate  adsorption  by  kaolinite  is  dependent  on  pH  and  ionic  strength.  Adsorption  is 
negligible  in  neutral  to  alkaline  environments  (pH  >  6),  and  increases  with  decreasing  pH. 
Antimonate  adsorption  decreases  with  increasing  ionic  strength,  suggesting  that  anion  exchange 
(outer-sphere  surface  complexation)  is  an  important  retention  mechanism.  The  adsorption  of 
antimonate  is  reversible  in  pH  >  5  solutions;  supporting  the  conclusion  that  antimonate  is  an 
exchangeable  anion.  However,  adsorption  is  hysteretic  (non-reversible)  in  pH  <  5  systems, 
indicating  that  inner-sphere  surface  complexation  becomes  important  with  increasing  acidity. 

Sulfate  is  a  common  anion  in  the  environments  and  generally  does  not  compete  with 
antimonate  for  adsorption  sites  at  the  kaolinite  surface.  Sulfate  is  primarily  an  exchangeable 
anion  in  moderately  acidic  to  alkaline  solutions,  and  specifically  adsorbed  in  strongly  acidic 
environments.  When  sulfate  and  antimonate  are  present  in  equal  concentrations,  sulfate 
decreases  the  retention  of  antimonite,  primarily  in  pH  <  4  systems.  However,  sulfate  does  not 
impact  antimonate  adsorption  when  pH  >4.5.  Phosphate  is  more  strongly  retained  by  kaolinite 
then  either  antimonate  or  sulfate,  with  an  adsorption  edge  that  plateaus  in  the  pH  4.5  to  6  range. 
Phosphate  is  generally  considered  to  be  a  non-exchangeable,  specifically  adsorbed  ligand.  When 
phosphate  and  antimonate  are  present  in  equal  concentrations,  the  antimonate  adsorption  edge  is 
shifted  to  lower  pH  values  (decreasing  adsorption  throughout  a  broad  pH  range).  Greater 
concentrations  of  sulfate  and  phosphate,  as  might  be  expected  in  natural  environments  or  firing 
range  soils  treated  with  phosphate  to  stabilize  lead,  would  be  expected  to  have  a  more 
pronounced  impact  on  reducing  antimonate  retention. 

The  weak,  electrostatic  retention  of  antimonate  in  alkaline  systems,  with  increasing  inner- 
sphere  adsorption  character  with  decreasing  pH,  is  also  supported  by  the  adsorption  isotherm 
results.  A  two-site  Langmuir  adsorption  isotherm  model  was  employed  to  characterize 
antimonate  retention  by  kaolinite  in  pH  5.5  solutions;  whereas  the  one-site  Langmuir  was  used  to 
characterize  adsorption  in  pH  8  systems.  The  model  allowed  for  the  thermodynamic  assessment 
of  high  intensity-low  capacity  (site  type  1)  and  low  intensity-high  capacity  (site  type  2) 
antimonate  adsorption.  In  alkaline  systems,  antimonate  adsorption  is  negligible  in  25°C  and 
35°C  systems,  and  adsorption  is  not  influenced  by  temperature,  indicating  an  outer-sphere  (anion 
exchange)  adsorption  mechanism.  In  acidic  solutions,  adsorption  by  low  intensity  sites  is  not 
influenced  by  temperature,  again  indicating  anion  exchange.  However,  antimonate  adsorption  by 
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high  intensity  sites  in  acidic  systems  increases  with  increasing  temperature,  indicating  an  inner- 
sphere  retention  process. 

Both  the  zeta  potential  and  proton  adsorption  characteristics  of  kaolinite  indicated  that 
adsorbed  antimonate  generates  negative  surface  charge.  This  response  to  antimonate  adsorption 
is  consistent  with  the  formation  of  inner-sphere  surface  complexes.  Based  on  the  experimental 
evidence,  surface  complexation  models  were  developed  to  predict  antimonate  adsorption  using 
the  triple  layer  model  formulation.  The  antimonate  adsorption  edge  as  a  function  of  ionic 
strength  is  successfully  modeled  by  using  a  combination  of  inner-  and  outer-sphere  mechanisms. 
The  inner-sphere  mechanism  predominated  under  strongly  acidic  conditions,  with  the  outer- 
sphere  mechanism  becoming  increasingly  important  as  solution  pH  increased  into  the  moderately 
acidic  (pH  >  5)  range.  The  surface  complexation  model,  when  applied  to  competitive 
antimonate-sulfate  adsorption,  overestimated  antimonate  adsorption  and  required  reoptimization. 
Similarly,  when  applied  to  competitive  antimonate-phosphate,  the  model  overestimated 
antimonate  retention. 

Goethite 

Adsorption  Edge:  Reversibility 

The  initial  studies  examining  antimonate  adsorption  by  goethite  involved  identical 
experimental  conditions  to  those  of  the  gibbsite  and  kaolinite  evaluations,  most  notably  a  10  g  L“ 
'  solid-to-solution  ratio  and  a  50  pmol  L“^  initial  ligand  concentration.  These  experimental 
conditions  resulted  in  near  complete  removal  of  antimonate  by  goethite  throughout  a  broad  pH 
range  (Fig.  60a).  In  general,  the  concentrations  of  reactive  =FeOH  goethite  surface  sites  (27.23 
pmol  m“^)  are  reported  to  be  similar  in  magnitude  to  that  of  the  =A10H  sites  on  gibbsite  (13.28 
pmol  m“^)  (Sahai  and  Sverjensky,  1997;  Liitzenkirchen  et  ah,  2002;  Sverjensky,  2003). 

However,  the  higher  specific  surface  area  of  goethite  (34.24  mg)  relative  to  that  of  gibbsite 
(5.82  m^  g“^),  coupled  with  the  higher  concentration  of  reactive  goethite  sites,  results  in  a 
goethite  surface  that  is  potentially  more  reactive  than  that  of  gibbsite  (932.4  pmol  g~'  =FeOH 
sites  on  goethite  vs.  77.29  pmol  g~'  =A10H  sites  on  gibbsite).  Therefore,  the  higher  goethite 
adsorption  capacity  for  antimonate  can  be  ascribed  to  the  high  adsorption  capacity  of  the  goethite 
surface,  relative  to  gibbsite.  This  finding  is  also  consistent  with  the  observed  correlation  of 
antimony  retention  with  the  iron  oxide  content  of  soils  (Mok  and  Wai,  1990;  Chen  et  ah,  2003; 
Gal  et  ah,  2006;  Ritchie  et  ah,  2013).  To  account  for  the  goethite  adsorption  capacity,  differing 
solid-to-solution  ratios  and  initial  ligand  concentrations  were  evaluated.  The  2.5  g  L“'  solid-to- 
solution  ratio  with  an  initial  antimonate  concentration  of  50  pmol  L“'  provided  satisfactory 
results  in  the  beaker  systems  (Fig.  60b).  However,  the  low  solid-to-solution  ratio  proved  to  be 
problematic  in  the  competitive  adsorption  (batch)  systems.  The  5  g  L“'  solid-to-solution  ratio 
with  an  initial  antimonate  concentration  of  500  pmol  L“^  provided  satisfactory  results  in  both  the 
beaker  and  batch  systems  (Fig.  60c). 

Antimonate  adsorption  by  goethite  is  a  function  of  pH  and  independent  of  ionic  strength 
(Fig.  60).  Adsorption  is  at  a  relative  minimum  in  strongly  alkaline  systems,  where  approximately 
40  %  of  the  added  antimonate  is  adsorbed,  and  increases  with  decreasing  pH.  Near  complete 
removal  of  antimonate  is  observed  at  pH  values  less  than  6.  Antimonate  desorption  is  hysteretic 
(non-reversible)  throughout  the  pH  range  studied.  These  findings  indicate  that  antimonate 
adsorption  by  goethite  occurs  predominately  through  a  ligand  exchange  (inner-sphere) 
mechanism  at  all  pH  values.  These  findings  differ  from  those  of  Leuz  et  al.  (2006).  They 
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observed  a  strong  ionic  strength  dependence  on  antimonate  adsorption  by  goethite,  leading  them 
to  conclude  that  an  anion  exchange  (outer-sphere)  mechanism  was  important  in  pH  >  6  solutions. 

The  goethite  adsorption  edge  findings  are  consistent  with  the  results  of  surface  spectroscopy 
studies.  Using  Mossbauer  spectroscopy,  Ambe  et  al.  (1986)  and  Ambe  (1987)  concluded  that 
antimonate  adsorption  by  hematite  (a-FciOs)  occurred  via  monodentate,  inner-sphere 
complexation  at  pH  4.  McComb  et  al.  (2007)  examined  antimonate  adsorption  using  ATR-IR 
and  also  concluded  that  the  mechanism  of  retention  by  amorphous  iron  oxide  was  monodentate, 
inner-sphere  complexation  under  acidic  conditions.  Scheinost  et  al.  (2006)  (using  goethite)  and 
Mitsunobu  et  al.  (2010)  (using  ferrihydrite)  employed  EXAFS  to  examine  antimonate  retention 
mechanisms  in  pH  3.5  and  7.5  systems.  They  concluded  that  both  monodentate  and  bidentate 
inner-sphere  surface  complexation  were  involved  in  the  retention  of  antimonate.  Ritchie  et  al. 
(2013)  examined  Sb-contaminated  sediment  using  EXAFS  and  concluded  that  Sb(V)  was 
retained  by  bidentate  inner-sphere  complexation  on  iron  oxides. 

Sulfate  adsorption  by  goethite  increases  with  decreasing  pH,  with  a  strong  dependence  on 
ionic  strength  (Fig.  61a).  In  addition,  sulfate  adsorption  was  reversible  throughout  the  entire  pH 
range  studied  (non-hysteretic;  the  adsorption  and  desorption  edges  overlap),  differing  from  the 
desorption  behavior  of  antimonate  (Fig.  60).  These  findings  are  consistent  with  an  anion 
exchange  mechanism  and  the  weak,  electrostatic  retention  of  sulfate  with  the  goethite  surface. 
Sulfate  retention  is  also  depressed,  relative  to  that  of  antimonate,  throughout  the  entire  pH  range 
studied  and  particularly  in  the  higher  ionic  strength  system  (Fig.  62).  Despite  their  similar  acid 
pAa  values  (1.99  for  sulfate  and  2.85  for  antimonate;  Table  2),  the  retention  of  sulfate  by  goethite 
is  less  than  that  of  antimonate,  affected  by  ionic  strength,  and  non-hysteretic.  Phosphate  retention 
by  goethite  is  similar  to  that  of  antimonate  (Fig.  61b).  Adsorption  is  at  a  relative  minimum  in 
strongly  alkaline  systems,  and  increases  with  decreasing  pH.  Nearly  complete  removal  of  the 
added  phosphate  occurs  in  strongly  acid  (pH  <  4)  systems.  Phosphate  desorption  is  also 
hysteretic.  The  phosphate  adsorption  edge  is  similar  to  the  of  antimonate,  indicating  that  the  two 
ligands  have  similar  affinities  for  the  goethite  surface  (Fig.  62). 

Adsorption  Edge:  Competition 

The  adsorption  of  antimonate,  sulfate,  and  phosphate  by  goethite  in  the  batch  systems  (Fig. 
63)  is  similar  to  that  observed  in  the  continuous  titration  (beaker)  systems  (Figs.  60  and  61). 
Figand  adsorption  increases  with  decreasing  pH,  the  retention  of  sulfate  decreases  with 
increasing  ionic  strength,  and  the  adsorption  of  antimonate  and  phosphate  are  not  influenced  by 
the  ionic  media.  Sulfate  adsorption  is  less  than  that  of  either  antimonate  or  phosphate  throughout 
the  pH  3  to  10  range,  irrespective  of  ionic  strength.  Antimonate  and  phosphate  adsorption  is 
complete  at  pH  values  below  approximately  5. 

The  inclusion  of  sulfate  as  a  competing  ligand  did  not  significantly  impact  antimonate 

adsorption  by  goethite  (Fig.  64).  However,  sulfate  adsorption  is  sharply  reduced  in  the  presence 

of  antimonate  (Fig.  65),  irrespective  of  the  order  of  ligand  addition.  Antimonate  has  a  higher 

affinity  for  adsorption  on  goethite  than  sulfate,  indicating  that  it  is  a  stronger  competitor.  For 

example,  in  0.01  MKNO3  at  pH  4  the  density  of  adsorbed  Sb(V)  is  approximately  2.44  pmol  m“^ 

_2 

(-100  %  of  the  added  antimonate),  while  that  of  sulfate  is  0.69  pmol  m  (-60  %  of  the  added 
sulfate)  (Figs.  64  and  65).  The  large  reduction  in  sulfate  retention  that  occurs  when  in 
competition  with  antimonate  may  result  from  the  direct  competition  for  adsorption  sites,  or  from 
electrostatic  effects  that  result  from  the  change  in  surface  charge  that  arises  from  the  adsorption 
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of  antimonate.  The  site  density  of  singly-eoordinated  =FeOH  groups  is  3.45  sites  nm  ,  or  5.73 

pmol  m“^  (Table  1).  Without  any  interaction,  the  total  site  occupation  of  coadsorbed  antimonate 

—2  —2 

and  sulfate  would  be  3.13  pmol  m  (2.44  plus  0.69  pmol  m  )  at  pH  4,  a  value  that  is  below  the 
total  site  density  (assuming  monodentate  complexation).  Therefore,  the  direct  competition  of 
antimonate  and  sulfate  for  adsorption  sites  should  be  minimal.  However,  the  inner-sphere 
complexation  of  antimonate  at  the  goethite  surface  neutralizes  positive  surface  charge  (e.g., 
=FeOH2^  +  Sb(OH)6~  =  =FeOSb(OH)5“  +  H^  +  H2O),  decreasing  the  electrostatic  adsorption  of 
sulfate  (Fig.  65).  Thus,  the  changing  electrostatics  at  the  solid-solution  interface  is  responsible 
for  the  reduced  retention  of  sulfate  in  the  competitive  systems. 

The  inclusion  of  phosphate  as  a  competing  ligand  reduces  the  retention  of  antimonate  by 
goethite  in  both  the  0.01  MKNO3  and  0.1  MKNO3  systems  (Fig.  66).  This  effect  is  most 
pronounced  in  the  preadsorbed  phosphate  and  direct  competition  systems,  where  antimonate 
adsorption  is  negligible  in  pH  >  7  solutions.  Antimonate  is  more  competitive  with  phosphate  for 
goethite  surface  sites  when  preadsorbed.  In  alkaline  to  highly  alkaline  systems,  the  retention  of 
phosphate  is  not  strongly  impacted  by  antimonate  (Fig.  67).  Phosphate  adsorption  increases  as 
pH  decreases  from  approximately  10,  achieving  a  relative  maximum  value  in  the  pH  7  to  8 
range.  Phosphate  adsorption  then  decreases  with  an  additional  decrease  in  pH.  This  decrease  is 
most  pronounced  in  the  preadsorbed  antimonate  system,  followed  by  the  direct  competition  and 
preadsorbed  phosphate  systems.  The  decrease  in  phosphate  retention  with  decreasing  pH  below  8 
also  corresponds  to  the  pH  range  where  antimonate  adsorption  becomes  significant.  The 
phosphate  adsorption  behavior  in  the  competitive  antimonate  systems  is  also  similar  to  that 
observed  when  in  competition  with  citrate  and  arsenate;  ligands  that  also  form  inner-sphere 
surface  complexes  (Geelhoed  et  ah,  1998  and  1999;  Hiemstra  and  Van  Riemsdijk,  1999) 

Both  antimonate  and  phosphate  have  high  affinity  for  the  goethite  surface.  If  only 
monodentate  surface  complexes  are  formed,  the  density  of  adsorbed  Sb(V)  at  pH  4  (0.01  M 
KNO3)  is  2.31  pmol  m“^  (-'100  %  of  the  added  antimonate.  Fig.  66),  while  that  of  phosphate  is 
2.32  pmol  m“^  (-100  %  of  the  added  phosphate.  Fig  67).  Without  any  interaction,  the  total  site 

occupation  of  coadsorbed  antimonate  and  phosphate  would  be  approximately  4.6  pmol  m“^  at  pH 

_2 

4,  a  value  that  approaches  the  total  site  density  (5.73  pmol  m  ).  If  bidentate  antimonate  and 
phosphate  surface  complexes  are  formed,  a  retention  mechanism  that  is  supported  in  the 
literature  for  both  ligands,  the  occupied  sites  would  exceed  the  available  site  concentration. 
Therefore,  competition  of  antimonate  and  phosphate  for  adsorption  sites  occurs. 

The  competitive  adsorption  findings  indicate  that  phosphate  is  strongly  preferred  by  the 
goethite  ligand  exchange  sites  in  alkaline  (pH  >  7)  systems,  relative  to  antimonate.  The  inner- 
sphere  complexation  of  phosphate  species  contributes  negative  charge  to  the  goethite  surface, 
reducing  the  outer-sphere  (electrostatic)  complexation  of  antimonate.  Greater  proton 
concentration  (lower  pH)  is  required  to  overcome  this  effect;  thus,  the  antimonate  adsorption 
edge  shifts  to  lower  values.  In  the  pH  <  6  range,  antimonate  effectively  competes  with  phosphate 
for  the  fixed  number  of  adsorption  sites,  reducing  phosphate  retention. 
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Figure  60.  The  adsorption  of  antimonate  by  goethite  as  a  function  of  solid-to-solution  ratio  and 
initial  antimonate  concentration:  (a)  10  g  L“'  goethite  and  50  pmol  L“'  Sb(V);  (b)  2.5  g  L“^ 
goethite  and  48  pmol  L“'  Sb(V);  (c)  5  g  L“'  goethite  and  485  pmol  L“^  Sb(V). 


no 


100 


(a) 


Figure  61.  The  adsorption  and  desorption  of  (a)  sulfate  and  (b)  phosphate  by  goethite  as  a 
function  of  pH  and  ionic  strength. 
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Figure  62.  The  adsorption  antimonate,  sulfate,  and  phosphate  by  goethite  as  a  funetion  of  pH  in 
(a)  10  mMKNOa  and  (b)  100  mMKNOs  ionic  media. 
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Figure  63.  The  adsorption  of  (a)  antimonate,  (b)  sulfate,  and  (c)  phosphate  by  goethite  from 
batch  equilibrium  systems  as  a  function  of  pH  and  ionic  strength. 
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Figure  64.  The  competitive  adsorption  of  antimonate  by  goethite  in  the  presence  of  sulfate  in  (a) 
10  mMKN03  and  (b)  100  mMKNOs  electrolyte  media  as  a  function  of  pH  and  method  of 
sulfate  addition. 
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Figure  65.  The  eompetitive  adsorption  of  sulfate  by  goethite  in  the  presenee  of  antimonate  in  (a) 
10  mMKNOa  and  (b)  100  mMKNOs  eleetrolyte  media  as  a  funetion  of  pH  and  method  of 
antimonate  addition. 
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Figure  66.  The  eompetitive  adsorption  of  antimonate  by  goethite  in  the  presence  of  phosphate  in 
(a)  10  mMKNOs  and  (b)  100  mMKNOs  electrolyte  media  as  a  function  of  pH  and  method  of 
phosphate  addition. 
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Figure  67.  The  competitive  adsorption  of  phosphate  by  goethite  in  the  presence  of  antimonate  in 
(a)  10  mMKNOs  and  (b)  100  mMKNOs  electrolyte  media  as  a  function  of  pH  and  method  of 
antimonate  addition. 
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Adsorption  Isotherms:  Thermodynamics 

The  adsorption  of  antimonate  by  goethite  in  both  pH  5.5  and  8,  0.01  MKNO3  solutions  is 
Langmuirian;  adsorption  intensity  (isotherm  slope)  deereases  with  inereasing  surfaee  eoverage 
(Fig.  68a).  The  pH  5.5  isotherms  are  not  linear  in  log-log  spaee  (Fig.  68b),  indieating  that  the 
Freundlieh  equation  (Eq.  [3])  is  not  an  appropriate  model  for  deseribing  the  adsorption 
isotherms.  However,  the  pH  8  adsorption  isotherms  are  linear  in  log-log  spaee,  indieating  that  the 
isotherms  may  be  deseribed  by  the  Freundlieh  isotherm  model.  Antimonate  adsorption  is 
strongly  influeneed  by  pH,  as  adsorption  inereases  with  inereasing  aeidity,  eonsistent  with  the 
adsorption  edge  findings  deseribed  in  the  previous  seetion  (Fig.  60).  On  average,  the  value  for 
antimonate  adsorption  at  pH  8  was  98,  whieh  represent  the  surfaee  exeess  of  antimonate  {q,  in 
mmol  kg“')  when  Ceq  is  unity  (Table  11).  The  log  values  do  not  vary  signifieantly  as  a 
funetion  of  temperature.  Adsorption  of  antimonate  from  both  the  pH  5.5  and  8  solutions  tends  to 
inerease  with  inereasing  temperature. 

Plots  of  Ad  vs.  ^  indieate  that  the  adsorption  data  may  also  be  deseribed  by  the  one-site 
Langmuir  model  (Eq.  [4];  Eigs.  69  and  70).  Linear  regression  analysis  of  the  vs.  q  plots  was 
used  to  derive  the  one-site  Langmuir  parameters  for  antimonate  adsorption  in  the  pH  5.5  and  8 
systems  (Table  11).  The  Henry’s  Law  eonstants  (Aad  values)  generated  from  the  Langmuir 
parameters  Al  and  b,  tended  to  inerease  with  inereasing  temperature  in  both  pH  systems  (Table 
1 1  and  Lig.  71).  Both  the  enthalpy  (AHad)  and  entropy  (A^ad)  of  adsorption  were  eomputed  for 
antimonate  adsorption  using  the  van’t  Hoff  equation  (Eq.  [9]),  as  applied  to  the  In  Aad  vs. 
data  in  Lig.  71.  Lor  adsorption  in  pH  5.5,  AH^d  is  positive  (21.59  kJ  mol”')  and  TA^ad  is  large 
(49.16  kJ  moF*  at  298  K)  relative  to  AHad,  indieating  that  antimonate  adsorption  is  endothermie 
and  entropieally  driven  (Table  12).  Similarly,  adsorption  in  pH  8  is  endothermie  (AHad  =  16.61 
kJ  moL^)  and  entropieally  driven  (TAS'ad  =  34.56  kJ  moF*  at  298  K).  For  both  pH  eonditions,  the 
free  energy  of  adsorption  (AGad)  is  negative,  indieating  that  antimonate  adsorption  is 
spontaneous. 

Endothermie  (positive  AHad)  and  entropieally-driven  (heat  is  absorbed)  adsorption  is 
generally  indieative  of  inner-sphere  eomplexation  (adsorption  inereases  with  inereasing 
temperature).  The  AHad  value  for  antimonate  adsorption  in  pH  5.5  and  8  (21.6  and  16.6  kJ  mol”') 
are  similar  in  magnitude  to  AHad  values  typically  found  for  the  inner-sphere  surface 
eomplexation  of  ligands.  Enthalpy  values  for  the  retention  of  specifically-adsorbed  ligands  by 
variable-charge  minerals  are  generally  <40  kJ  moF^,  although  similar  in  magnitude  AHad  values 
have  been  used  to  infer  an  ion  exchange  mechanism  (Zhang  and  Selim,  2008;  Li  et  ah,  2008; 
Ferreiro  and  de  Bussetti,  2007).  The  inner-sphere  adsorption  of  arsenate  by  A1  and  Fe  oxides  has 
been  reported  to  generate  AHad  values  of  25. 1 1  and  17.83  kJ  moF^  (Helmy  et  ah,  1996;  Parley  et 
ah,  2008).  Enthalpy  values  for  the  inner-sphere  eomplexation  of  phosphate  and  2-ketogluconate 
by  Fe  oxides  range  between  22  and  81.84  kJ  moF^  (Juang  and  Chung,  2004;  Mezzener  and 
Bensmaili,  2008;  Mustafa  et  ah,  2008;  Journey  et  ah,  2010). 
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Table  11.  Freundlich  and  Langmuir  isotherm  parameters,  and  the  Henry’s  Law  eonstants 
values)  for  the  adsorption  of  antimonate  by  goethite. 


Ereundlieh  parameters! 

Eangmuir  parameters! 

H 

o 

O 

logTfp 

N 

Kl 

b 

^ad 

pH  5.5 

5 

465.59 

71.61 

33339 

15 

650.68 

71.68 

46641 

25 

1357.5 

73.71 

100057 

35 

893.00 

78.32 

69939 

pH  8 

5 

1.971 

93.54 

0.417 

12.510 

67.32 

842.2 

15 

1.892 

77.98 

0.341 

18.647 

56.54 

1054 

25 

1.919 

82.99 

0.291 

28.607 

59.99 

1716 

35 

2.141 

138.4 

0.437 

20.010 

77.29 

1547 

tlog  ifp  and  N  were  obtained  by  linear  regression  analysis  of  Eq.  [3].  The  log  and  N  values  do 
not  differ  signifieantly  as  a  funetion  of  temperature  at  P  =  0.05.  The  Freundlieh  model  was  not 
used  to  deseribe  antimonate  adsorption  in  pH  5.5  systems. 

XKy^  and  b  were  obtained  by  linear  regression  analysis  of  Eq.  [5]  and  the  data  presented  in  Eigs. 
69  and  70  for  the  one-site  Eangmuir  model  (Eq.  [4]).  Units  of  K]^  are  E  mmoL^;  b  are  mmol  kg“'; 
and  Tfad  are  E  kg“' . 


Table  12.  Thermodynamie  parameters  for  the  adsorption  of  antimonate  by  goethite. t 


Temperature 

A/7ad 

AAad 

AGad 

°C 

kJ  moL^ 

J  K“‘mor‘ 

kJ  moL* 

pH  5.5 

5 

-24.27 

15 

-25.91 

25 

21.59 

164.9 

-27.56 

35 

pH  8 

-29.21 

5 

-15.21 

15 

-16.36 

25 

16.61 

115.9 

-17.50 

35 

-18.65 

tEnthalpy  (A//ad)  and  entropy  (A^ad)  of  adsorption  are  temperature  independent  and  eomputed 
using  the  van’t  Hoff  equation  (Eq.  [9])  analysis  of  the  influenee  of  temperature  on  the  Henry’s 
Eaw  eonstant  for  antimonate  adsorption  (Eig.  71).  Eree  energy  of  adsorption  (AGad)  eomputed 
using  Eq.  [11]. 
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Figure  68.  Adsorption  isotherms,  plotted  in  (a)  normal  space  and  (b)  log-log  space,  illustrating 
the  adsorption  {q)  of  antimonate  in  0.01  MKNO3  by  goethite  (5  g  L“')  as  a  function  equilibrium 
solution  concentration  (Ceq),  pH,  and  temperature. 
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Figure  69.  Application  of  the  transformed  version  of  the  Langmuir  model  to  vs.  q  plots  of  the 
pH  5.5  antimonate  adsorption  isotherm  data  described  in  Fig.  68a.  The  adsorption  of  antimonate 
by  goethite  is  described  by  the  Langmuir  isotherm  equations  (Table  11). 
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Figure  70.  Application  of  the  transformed  version  of  the  Langmuir  model  to  Ad  vs.  q  plots  of  the 
pH  8  antimonate  adsorption  isotherm  data  described  in  Fig.  68a.  The  adsorption  of  antimonate  by 
goethite  is  described  by  the  Langmuir  isotherm  equations  (Table  11). 
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Figure  71.  Temperature  dependenee  of  the  Henry’s  Law  eonstant  for  antimonate  adsorption  by 
goethite  {K^a  =  K]Jb).  The  adsorption  eonstants  (TCl  and  b)  where  obtained  from  the  applieation  of 
the  Langmuir  equation  (Eq.  [7]).  The  lines  represent  the  least  squares  linear  regression  analysis 
of  the  van’t  Hoff  equation  (Eq.  [9])  and  the  In  K^a  vs.  data,  where  T  is  the  thermodynamie 
temperature. 
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Electrostatics  at  the  Solid-Solution  Interface 

Zeta  potential  and  proton  adsorption  curves  for  geothite  in  the  swamping  electrolyte  (KNO3) 
are  illustrated  in  Fig.  72.  The  KNO3  system  represents  surface  charging  in  the  absence  of  inner- 
sphere  complexation.  For  goethite,  the  isoelectric  point  (lEP)  and  the  point  of  zero  charge  (pHpzc) 
is  9.8  (Fig.  72a).  This  is  also  the  common  intersection  point  (CIP)  for  the  zeta  potential 
measurements  in  0.01  and  0.1  MKNO3.  At  pH  values  below  the  pHpzc,  the  goethite  surface  bears 
a  net  positive  charge.  The  measured  goethite  pHpzc  is  within  the  6.7  to  10.2  range  reported  by 
Kosmulski  (2009).  An  increase  in  the  swamping  electrolyte  concentration  results  in  a  decreasing 
zeta  potential  as  the  pH  is  decreased  below  the  pHpzc.  Increased  concentrations  of  electrolyte  in 
the  Od  plane  tend  to  shield  the  particle  charge,  decreasing  the  extent  of  charge  influence  in  the 
solid-solution  interface  and  decrease  the  response  (particle  movement)  in  an  electric  field  (Yu, 
1997).  As  expected,  the  adsorbed  proton  concentration  {Q^)  increased  with  decreasing  pH  and 
with  increasing  ionic  strength  (Fig.  72b).  The  point  of  zero  salt  effect  (pHpzse),  and  the 
corresponding  point  of  net  proton  charge  (pHpznpc)  of  the  goethite  sample  is  approximately  9. 

When  a  ligand  other  than  the  indifferent  electrolyte  is  present,  electrophoretic  mobility  will 
reflect  the  adsorption  mechanism.  Adsorption  of  an  anionic  ligand  in  the  is-plane  will  decrease 
the  zeta  potential  and  shift  the  lEP  to  lower  pH  values  (additional  protonate,  i.e.,  lower  pH, 
required  for  site  neutralization).  The  adsorption  of  a  ligand  in  the  os-plane  will  not  affect  the  lEP, 
relative  to  that  in  the  indifferent  electrolyte.  However,  a  decrease  in  the  zeta  potential  may  be 
observed  if  the  adsorbed  ligand  has  higher  valence  than  the  indifferent  electrolyte  (providing 
greater  negative  charge  to  the  near-surface  region  bounded  by  the  particle  shear  plane). 

In  the  presence  of  10  mMK2S04  alone,  or  with  10  mMKN03,  the  zeta  potential  of  goethite 
is  generally  negative  for  all  pH  values  studied  (Pig.  72a).  However,  the  100  mMKN03  +  10  mM 
K2SO4  solution  does  not  appreciably  change  the  lEP  of  goethite  (Pig.  72a),  relative  to  the  KNO3 
systems,  which  may  be  due  to  the  absence  of  sulfate  adsorption  at  the  lEP  (Pigs.  61a  and  63). 
However,  there  is  a  negative  shift  in  the  zeta  potential  at  pH  values  below  the  lEP  and  as  a  result 
of  sulfate  adsorption,  similar  to  that  observed  by  Juang  and  Wu  (2002).  The  less  positive  zeta 
potential  values  indicate  that  the  adsorbed  complexes  of  sulfate  provide  greater  negative  charge 
to  the  near-surface  region  bounded  by  the  particle  shear  plane,  relative  to  the  background 
electrolyte  (divalent  S04^~  vs.  monovalent  N03~).  The  lEP  of  goethite  shifts  to  the  3  to  4  range 
when  reacted  with  phosphate  (Pig  73).  This  is  macroscopic  evidence  of  the  inner-sphere 
complexation  of  phosphate  by  goethite.  This  finding  is  consistent  with  the  strong  phosphate 
adsorption  behavior,  and  the  lack  of  an  ionic  strength  effect  (Pigs.  61b  and  63),  and  similar  to 
that  observed  by  Tejedor-Tejedor  and  Anderson  (1990),  Aral  and  Sparks  (2001),  and  Antelo  et 
al.  (2005).  Within  the  pH  range  studied  (pH  >  4),  a  goethite  lEP  in  the  presence  of  antimonate 
was  not  achieved  (Pig.  74).  At  all  pH  values,  the  zeta  potentials  are  negative,  reflecting  the  inner- 
sphere  complexation  of  antimonate. 
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Figure  72.  The  influenee  of  nitrate  and  sulfate  on  goethite  (a)  zeta  potential  and  (b)  proton 
adsorption  as  a  funetion  of  pH,  ionie  strength,  and  electrolyte  composition. 
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Figure  73.  The  influenee  of  nitrate  and  phosphate  on  goethite  zeta  potential  as  a  function  of  pH, 
ionic  strength,  and  electrolyte  composition. 


126 


o  lOmMKNOj 
Y  lOOmMKNOj 
□  10mMKSb(OH)6 
^  1 0  mM  KNO3  +  1 0  mM  KSb(OH)e 
A  100  mM  KNO3+ 10  mM  KSb(OH)3 


pH 

Figure  74.  The  influenee  of  nitrate  and  antimonate  on  goethite  zeta  potential  as  a  function  of  pH, 
ionic  strength,  and  electrolyte  composition. 
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Surface  Complexation  Modeling 

The  antimonate  adsorption  edge  and  adsorption  isotherm  studies,  eoupled  with  the  effeets  of 
antimonate  on  goethite  surfaee  charging,  indicate  that  antimonate  retention  by  goethite  occurs 
predominantly  via  an  inner-sphere  complexation  mechanism.  Spectroscopic  studies  indicate  that 
the  retention  of  antimonate  by  hydrous  iron  oxides  with  =FeOH  surface  functionality  proceeds 
via  mono-  and  bidentate  inner-sphere  surface  complexation  processes  (=FeOHSb(OH)5'^  or 
=FeOSb(OH)5“,  and  (=FeO)2Sb(OH)4“).  Using  Mossbauer  spectroscopy,  Ambe  et  al.  (1986)  and 
Ambe  (1987)  concluded  that  antimonate  adsorption  by  hematite  (a-Fe203)  occurred  via 
monodentate,  inner-sphere  complexation  at  pH  4.  McComb  et  al.  (2007)  examined  antimonate 
adsorption  using  ATR-IR  and  also  concluded  that  the  mechanism  of  retention  by  amorphous  iron 
oxide  was  monodentate,  inner-sphere  complexation  under  acidic  conditions.  Scheinost  et  al. 
(2006)  (using  goethite)  and  Mitsunobu  et  al.  (2010)  (using  ferrihydrite)  employed  EXAFS  to 
examine  antimonate  retention  mechanisms  in  pH  3.5  and  7.5  systems.  They  concluded  that  both 
monodentate  and  bidentate  inner-sphere  surface  complexation  were  involved  in  the  retention  of 
antimonate.  Similarly,  Ritchie  et  al.  (2013)  examined  Sb-contaminated  sediment  with  EXAFS 
and  concluded  that  Sb(V)  was  bound  to  Fe-oxides  by  bidentate,  inner-sphere  complexation.  Eeuz 
et  al.  (2006)  imposed  a  bidentate  surface  complex  to  model  antimonate  adsorption  by  goethite. 
However,  the  bidentate  model  did  not  adequately  describe  the  effect  of  ionic  strength  on 
adsorption. 

Two  experimental  techniques  were  employed  to  generate  the  antimonate,  sulfate,  and 
phosphate  adsorption  edge  data  {q  vs.  pH)  as  a  function  of  ionic  strength:  continuous  titration 
beaker  systems  (Fig.  60)  and  the  competitive  adsorption  batch  systems  (Figs.  63).  Both  data  sets 
were  used  to  develop  the  chemical  models  for  ligand  adsorption  by  goethite.  Several  models 
were  evaluated  for  their  ability  to  describe  the  antimonate  adsorption  edge,  similar  to  those 
described  in  Tables  7  and  10  for  antimonate  adsorption  by  gibbsite  and  kaolinite.  The  only  model 
that  would  describe  the  antimonate  adsorption  edge  on  goethite  involved  the  monodentate 
=FeOSb(OH)5“  complex  as  the  stipulated  inner-sphere  species  and  the  outer-sphere  =FeOH2^- 
Sb(OH)6~  species.  The  adsorption  of  antimonate  is  generally  well-predicted  by  this  model  in  the 
pH  3  to  10  range  (Figs.  75  and  76).  The  goodness-of-fit  parameter  for  the  beaker  data  set  (Vy  = 
9.634)  indicates  that  the  model  satisfactorily  describes  the  adsorption  edges.  However,  the  model 
over  predicts  antimonate  adsorption  in  the  batch  systems,  yielding  a  correspondingly  high 
goodness-of-fit  parameter  (Vy  =  29.672).  The  common  logarithm  of  the  intrinsic  surface 
complexation  constants  for  the  outer-sphere  complex  is  log  A'"*  =  13.35.  The  constant  for  the 
inner-sphere  species  is  log  =  3.26  (Table  13). 

The  outer-sphere  surface  complex  is  the  predominant  surface  species  in  the  pH  >  4  range  in 
the  0.01  MKNO3  systems.  While  in  the  higher  ionic  strength  systems  (0.1  MKNO3),  the  outer- 
sphere  complex  predominates  in  pH  >5  solutions.  The  inner-sphere  species  is  predicted  to 
account  for  greater  than  20  %  of  the  adsorbed  antimonate  in  the  pH  <  8  range.  This  result  is 
consistent  with  the  adsorption  reversibility  and  thermodynamic  findings,  which  indicated  that 
inner-sphere  complexation  is  important  throughout  the  pH  range  studied.  Antimonate  adsorption 
is  hysteretic  in  both  acidic  and  alkaline  systems  (Fig.  60),  with  less  that  20  %  of  the  adsorbed 
antimonate  released  during  desorption,  and  only  in  the  pH  >  9  solutions.  Adsorption  in  pH  5.5 
and  8  solutions  is  endothermic  and  entropically-driven,  suggesting  that  the  inner-sphere  surface 
complex  is  an  important  component  to  the  adsorption  process.  Further,  a  charge  reversal  is  not 
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observed  in  the  zeta  potential  measurements,  again  suggesting  an  inner-sphere  component  to  the 
adsorption  process  (Fig.  74). 

In  order  to  predict  competitive  adsorption  in  antimonate-sulfate  and  antimonate-phosphate 
systems,  intrinsic  constants  for  the  retention  of  sulfate  and  phosphate  must  be  determined.  The 
adsorption  of  sulfate  by  goethite  is  strongly  influenced  by  solution  ionic  strength  (Figs.  61a  and 
63b)  and  reversible  throughout  the  pH  range  studied.  Sulfate  adsorption  does  not  alter  the  lEP  of 
goethite,  although  zeta  potentials  are  reduced  relative  to  the  nitrate  systems  (Fig.  72a).  These 
experimental  findings  are  consistent  with  the  available  literature  (Hansmann  and  Anderson, 

1985;  Geelhoed  et  ah,  1997;  Rietra  et  ah,  1999;  Juang  and  Wu,  2002).  However,  spectroscopic 
evidence  suggests  that  sulfate  may  also  form  inner-sphere  surface  complexes  (Hug,  1997; 
Eggleston  et  ah,  1998;  Peak  et  ah,  1999),  particularly  in  acidic  solutions.  Sulfate  adsorption  by 
goethite  was  modeled  by  considering  a  combination  of  inner-  and  outer-sphere  surface  species, 
=Pe0H2^-S04^“  and  =Pe0S03~  (Pigs.  77  and  78;  Table  13).  The  goodness-of-fit  parameters  for 
the  beaker  and  batch  data  sets  (Vy  =  1 19.91  and  1 19.88)  indicate  that  the  adsorption  data  are  not 
well-described  by  the  model.  However,  other  models,  including  =Pe0H2^-S04  alone  and 
=Pe0S03”  alone,  did  not  provide  suitable  descriptions  of  the  adsorption  edge  data.  The  common 
logarithms  of  the  intrinsic  surface  complexation  constants  for  the  beaker  system  are  log  = 
10.78  (=Pe0H2^-S04^“)  and  5.67  (=Pe0S03“).  Por  the  batch  system,  log  A'"*  =  10.99  (=PeOH2^- 
S04^")  and  6.01  (=PeOS03“). 

Phosphate  displays  strong  adsorption  by  goethite  (Pigs.  61b  and  63c).  Phosphate  adsorption 
is  independent  of  ionic  strength  and  shifts  the  goethite  lEP  from  9.8  to  the  3  to  4  range  (relative 
to  the  KNO3  systems)  (Pig.  73).  These  experimental  results  indicate  that  phosphate  is  retained 
primarily  by  inner-sphere  surface  complexation  mechanisms.  Spectroscopic  evidence  indicates 
that  the  bidentate  adsorbed  phosphate  species  [(=Pe0)2P02~  and  (=PeO)2PO(OH)'^]  predominate 
on  hydrous  ferric  hydroxides  (Tededor-Tejedor  and  Johnson,  1990;  Aral  and  Sparks,  2001; 
Puengo  et  ah,  2006;  Khare  et  ah,  2007).  Successful  surface  complexation  model  descriptions  of 
phosphate  adsorption  by  hydrous  ferric  hydroxides  also  involves  bidentate  species  (Tadanier  and 
Pick,  2002;  Antelo  et  ah,  2010).  The  adsorption  of  phosphate  by  goethite  is  successfully 
described  by  considering  a  combination  of  mono-  and  bidentate  species  [=Pe0P020H“  and 
(=Pe0)2P02~)  (Pigs.  79  and  80;  Table  13).  The  model  provides  a  reasonable  fit  to  the 
experimental  beaker  adsorption  edge  data  (Vy  =  41 .627),  with  optimized  log  A'"*  values  of  23.90 
and  28.74  for  the  =Pe0P020H“  and  (=Pe0)2P02~  species.  Por  the  batch  systems,  predicted  log 
A'"*  values  of  25.62  and  27.61  were  determined  for  =Pe0P020H~  formation  in  0.01  and  0.1  M 
KNO3  solutions,  and  log  values  of  31.18  and  32.99  were  obtained  for  (=Pe0)2P02~ 
formation.  The  goodness-of-fit  parameters  for  the  0.01  and  0.1  MKNO3  batch  systems  (Vy  = 
35.455  and  8.191)  indicated  a  relatively  good  fit  of  the  model  to  the  experimental  adsorption 
edge  data. 

The  predicted  direct  competitive  adsorption  of  antimonate  and  sulfate  by  goethite  indicates 
that  antimonate  adsorption  in  both  the  0.01  and  0.1  MKNO3  systems  is  well-described  (Pig.  81). 
However,  the  adsorption  of  sulfate  was  overestimated,  particularly  in  the  pH  <  5  solutions  where 
the  inner-sphere  =PeOS03~  species  is  the  predominant  adsorbed  sulfate  complex  (Pigs.  77  and 
78).  The  poor  prediction  of  sulfate  adsorption  results  in  large  goodness-of-fit  parameters  for 
competitive  adsorption,  Vy  =  554.51  and  579.58  for  the  0.01  and  0.1  MKNO3  systems. 

Although  the  application  of  chemical  models  developed  for  single-adsorbate  systems  to  binary- 
adsorbate  systems  has  been  met  with  limited  success  (Essington  and  Anderson,  2008;  Goldberg, 
2010),  the  reoptimization  of  the  intrinsic  constants  is  generally  necessary  to  provide  an  adequate 
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fit  to  the  experimental  data.  For  the  reoptimized  binary  antimonate-sulfate  systems,  the 
adsorption  of  sulfate  is  sueeessfully  predieted  by  assuming  only  the  formation  of  the  outer- 
sphere  =Fe0H2^-S04^“  speeies  (Fig.  82).  Although  only  the  log  for  =Fe0H2^-S04^“ 
formation  was  optimized,  the  predieted  adsorption  of  antimonate  is  also  improved,  particularly  in 
0.1  MKNO3.  The  reoptimized  log  for  =Fe0H2^-S04^~  formation  is  12.33  (Vy  =  25.533)  in 
the  0.01  MKNO3  system,  and  in  the  0.1  MKNO3  system  was  12.88  (Vy  =  10.701). 

Both  antimonite  and  phosphate  adsorption  are  poorly  predicted  in  the  binary  antimonate- 
phosphate  systems  (Fig.  83),  yielding  large  goodness-of-fit  parameters  (Vy  =  3725  and  6737  for 
0.01  and  0.1  MKNO3).  The  retention  of  both  antomonate  and  phosphate  are  overpredicted, 
indicating  that  the  chemical  models  used  to  describe  ligand  adsorption  are  inadequate.  Attempts 
to  reoptimize  the  adsorption  constants  were  unsuccessful,  as  FITEQL  would  not  converge,  or 
overflow  errors  would  occur. 


Table  13.  Surface  complexation  models  used  to  describe  the  adsorption  of  antimonate,  sulfate, 
and  phosphate  by  goethite  as  a  function  of  pH  and  ionic  strength  using  the  triple-layer 
formulation. 


logr"*t 


Reaction 

BeakerJ 

Batch 

Antimonate  Model 

=EeOH  +  H+  +  Sb(OH)6“  =  =EeOH2^-Sb(OH)6“ 

13.35  ±0.02 

13.35  ±0.02 

=EeOH  +  Sb(OH)6“  =  =EeOSb(OH)5“  +  H2O 

3.26  ±0.04 

3.26  ±0.04 

Vy§ 

9.634 

29.67 

Sulfate  Model 

=EeOH  +  H+  +  S04^"  =  =Ee0H2^-S04^" 

10.78  ±0.01 

10.99  ±0.01 

=EeOH  +  H+  +  S04^"  =  =EeOS03“  +  H2O 

5.67  ±0.01 

6.01  ±0.01 

Vy 

119.91 

119.88 

Phosphate  Model 

O.OIMKNO3 

=EeOH  +  2H+  +  PO4  =  =Pe0P020H“  +  H2O 

23.90  ±0.02 

25.62  ±0.02 

2=PeOH  +  2H+  +  P04^“  =  (=Pe0)2P02"  +  2H2O 

28.74  ±  0.02 

31.18±0.02 

Vy 

41.627 

35.455 

0.1  MKNO3 

=PeOH  +  2H+  +  PO4  =  =Pe0P020H“  +  H2O 

2=PeOH  +  2H+  +  P04^“  =  (=Pe0)2P02"  +  2H2O 

Vy 

27.62  ±0.02 
32.99  ±0.03 
8.191 

tCommon  logarithms  of  the  intrinsic  surface  complexation  constants  (±  standard  deviation) 
optimized  using  FITEQL,  the  antimonate  adsorption  edge  data  (Eigs.  61  and  63),  and  the 
goethite  and  suspension  parameters  described  in  Tables  1  and  2. 

J Adsorption  edge  data  were  obtained  from  the  continuous  titration  ‘Beaker’  studies,  or  the 
competitive  ‘Batch’  studies. 

§Weighted  sum  of  squares  of  residuals  divided  by  the  degrees  of  freedom. 


130 


pH 


Figure  75.  The  adsorption  of  antimonate  by  goethite  as  a  function  of  pH  in  the  beaker  systems  in 
(a)  0.01  MKNO3  and  (b)  0.1  MKNO3.  The  lines  represent  the  triple-layer  surface  complexation 
model  fit  to  the  experimental  data  using  FITEQL  and  the  chemical  model  described  in  Tables  1, 
2,  and  13.  The  solid  lines  show  the  predicted  adsorption  of  the  outer-sphere  =FeOH2^-Sb(OH)6~ 
and  the  inner-sphere  =FeOSb(OH)5“  species. 
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Figure  76.  The  adsorption  of  antimonate  by  goethite  as  a  function  of  pH  in  the  batch  systems  in 
(a)  0.01  MKNO3  and  (b)  0.1  MKNO3.  The  lines  represent  the  triple-layer  surface  complexation 
model  fit  to  the  experimental  data  using  FITEQL  and  the  chemical  model  described  in  Tables  1, 
2,  and  13.  The  solid  lines  show  the  predicted  adsorption  of  the  outer-sphere  =FeOH2^-Sb(OH)6“ 
and  the  inner-sphere  =FeOSb(OH)5“  species. 
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Figure  77.  The  adsorption  of  sulfate  by  goethite  as  a  funetion  of  pH  in  the  beaker  systems  in  (a) 
0.01  MKNO3  and  (b)  0.1  MKNO3.  The  lines  represent  the  triple-layer  surfaee  eomplexation 
model  fit  to  the  experimental  data  using  FITEQL  and  the  ehemieal  model  deseribed  in  Tables  1, 
2,  and  13.  The  solid  lines  show  the  predicted  adsorption  of  the  outer-sphere  =Fe0H2^-S04^“  and 
the  inner-sphere  =Fe0S03~  species. 
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Figure  78.  The  adsorption  of  sulfate  by  goethite  as  a  funetion  of  pH  in  the  bateh  systems  in  (a) 
0.01  MKNO3  and  (b)  0.1  MKNO3.  The  lines  represent  the  triple-layer  surfaee  eomplexation 
model  fit  to  the  experimental  data  using  FITEQL  and  the  ehemieal  model  deseribed  in  Tables  1, 
2,  and  13.  The  solid  lines  show  the  predicted  adsorption  of  the  outer-sphere  =Fe0H2^-S04^“  and 
the  inner-sphere  =Fe0S03~  species. 
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Figure  79.  The  adsorption  of  phosphate  by  goethite  as  a  function  of  pH  in  the  0.01  MKNO3 
beaker  system.  The  lines  represent  the  triple-layer  surface  complexation  model  fit  to  the 
experimental  data  using  FITEQL  and  the  chemical  model  described  in  Tables  1,  2,  and  13.  The 
solid  lines  show  the  predicted  adsorption  of  the  inner-sphere  monodentate  =Fe0P020H“  and 
bidentate  (=Fe0)2P02~  species. 
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Figure  80.  The  adsorption  of  phosphate  by  goethite  as  a  function  of  pH  in  the  batch  systems  in 
(a)  0.01  MKNO3  and  (b)  0.1  MKNO3.  The  lines  represent  the  triple-layer  surface  complexation 
model  fit  to  the  experimental  data  using  FITEQL  and  the  chemical  model  described  in  Tables  1, 
2,  and  13.  The  solid  lines  show  the  predicted  adsorption  of  the  inner-sphere  monodentate 
=Fe0P020H“  and  bidentate  (=Fe0)2P02~  species. 
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Figure  81.  The  adsorption  of  (a)  antimonate  and  (b)  sulfate  by  goethite  as  a  function  of  pH  and 
ionic  strength  in  antimonate-sulfate  direct  competition  systems.  The  lines  represent  the  triple¬ 
layer  surface  complexation  model  predictions  using  the  log  if'"*  values  optimized  for  non¬ 
competitive  adsorption  of  antimonate  [=FeOH2^-Sb(OH)6“  and  =FeOSb(OH)5“  species]  and 
sulfate  (=FeOS03~  and  =Fe0H2^-S04^“  species)  (Table  13).  The  solid  lines  show  the  predicted 
adsorption  in  0.01  MKNO3,  the  dashed  lines  in  0.1  MKNO3. 
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Figure  82.  The  adsorption  of  (a)  antimonate  and  (b)  sulfate  by  goethite  as  a  function  of  pH  and 
ionic  strength  in  antimonate-sulfate  direct  competition  systems.  The  lines  represent  the  triple¬ 
layer  surface  complexation  model  predictions  using  the  log  if'"*  values  optimized  for  non¬ 
competitive  adsorption  of  antimonate  [=FeOH2^-Sb(OH)6“  and  =FeOSb(OH)5“  species]  and 
reoptimized  for  sulfate  (=Fe0H2^-S04^~  species)  for  competitive  adsorption.  The  solid  lines 
show  the  predicted  adsorption  in  0.01  MKNO3,  the  dashed  lines  in  0.1  MKNO3. 
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Figure  83.  The  adsorption  of  (a)  antimonate  and  (b)  phosphate  by  goethite  as  a  function  of  pH 
and  ionic  strength  in  antimonate-phosphate  direct  competition  systems.  The  lines  represent  the 
triple-layer  surface  complexation  model  predictions  using  the  log  values  optimized  for  non¬ 
competitive  adsorption  of  antimonate  [=FeOH2^-Sb(OH)6~  and  =FeOSb(OH)5“  species]  and 
phosphate  [(=Fe0)2P02”  and  =Fe0P020H“  species)  (Table  13).  The  solid  lines  show  the 
predicted  adsorption  in  0.01  MKNO3,  the  dashed  lines  in  0.1  MKNO3. 
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Summary:  Antimonate  Adsorption  by  Goethite 

Goethite  is  a  ubiquitous  and  important  mineral  in  soil.  Throughout  a  broad  pH  range,  the 
goethite  surfaee  bears  a  net  positive  change  (point  of  zero  charge  is  approximately  9.8),  allowing 
for  both  anion  and  ligand  retention.  For  this  reason,  goethite,  like  many  other  hydrous  metal 
oxides,  is  considered  a  natural  scavenger  for  toxins.  Goethite  displays  a  high  capacity  for 
antimonate  adsorption.  Antimonate  adsorption  by  goethite  is  dependent  on  pH  and  independent 
of  ionic  strength.  The  complete  removal  of  antimonate  by  goethite  occurs  in  acidic  to  neutral 
solutions,  and  adsorption  decreases  with  increasing  pH.  Antimonate  adsorption  is  not  affected  by 
ionic  strength,  suggesting  that  ligand  exchange  (inner-sphere  surface  complexation)  is  an 
important  retention  mechanism.  The  adsorption  of  antimonate  is  not  reversible;  further 
supporting  the  conclusion  that  antimonate  is  a  specifically-adsorbed  ligand. 

Sulfate  and  phosphate  are  common  anions  in  the  environments,  but  only  phosphate 
competes  with  antimonate  for  adsorption  sites  at  the  goethite  surface.  Sulfate  adsorption 
increases  with  increasing  ionic  strength  and  with  decreasing  pH.  Sulfate  adsorption  is  negligible 
when  pH  >  7  and  reversible,  indicating  that  it  is  primarily  an  exchangeable  anion.  When  sulfate 
and  antimonate  are  present  in  equal  concentrations,  sulfate  does  not  influence  antimonate 
retention.  However,  sulfate  retention  is  substantially  decreased  in  the  presence  of  antimonate. 
Phosphate  is  strongly  retained  by  goethite  with  an  adsorption  edge  that  is  similar  to  that  of 
antimonate.  Phosphate  is  also  considered  to  be  a  non-exchangeable,  specifically  adsorbed  ligand. 
When  phosphate  and  antimonate  are  present  in  equal  concentrations,  the  antimonate  adsorption 
edge  is  shifted  to  lower  pH  values  (decreasing  adsorption  throughout  a  broad  pH  range),  and 
adsorption  is  negligible  above  pH  7.  The  adsorption  of  phosphate  is  reduced  concomitantly  with 
the  increasing  retention  of  antimonate  below  pH  7.  Greater  concentrations  of  phosphate,  as  might 
be  expected  in  firing  range  soils  treated  with  phosphate  to  stabilize  lead,  would  be  expected  to 
have  a  more  pronounced  impact  on  reducing  antimonate  retention. 

The  strong,  inner-sphere  retention  of  antimonate  throughout  a  broad  pH  range  was  also 
supported  by  the  adsorption  isotherm  results.  The  one-site  Langmuir  adsorption  isotherm  model 
was  employed  to  characterize  antimonate  retention  by  goethite.  The  model  allowed  for  the 
thermodynamic  assessment  of  antimonate  adsorption.  In  both  acidic  and  alkaline  systems, 
antimonate  adsorption  increases  with  increasing  temperature,  and  is  endothermic  (positive  A//ad) 
and  entropically-driven  (heat  is  absorbed),  indicating  an  inner-sphere  (ligand  exchange)  retention 
mechanism. 

The  zeta  potential  characteristics  of  goethite  indicated  that  adsorbed  antimonate  generated 
negative  surface  charge.  This  response  to  antimonate  adsorption  is  consistent  with  the  formation 
of  inner-sphere  surface  complexes.  Based  on  the  experimental  evidence,  surface  complexation 
models  were  developed  to  predict  antimonate  adsorption  using  the  triple  layer  model 
formulation.  The  antimonate  adsorption  edge  as  a  function  of  ionic  strength  was  successfully 
modeled  by  using  a  combination  of  inner-  and  outer-sphere  mechanisms.  The  outer-sphere 
mechanism  predominated  under  neutral  and  alkaline  pH  conditions,  with  the  inner-sphere 
mechanism  becoming  increasingly  important  as  solution  pH  decreased  into  the  strongly  acidic 
range.  However,  the  surface  complexation  model,  when  applied  to  competitive  antimonate- 
sulfate  and  antimonate -phosphate  adsorption  systems,  did  not  satisfactorily  predicted  the 
antimonate  adsorption  edge  without  further  optimization. 
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Birnessite 

Adsorption  Edge  and  Competitive  Adsorption 

Hydrous  manganese  (Mn)  oxides  are  surfaee-reaetive  and  important  sinks  for  metals  and 
ligands  in  soils  and  sediment.  Birnessite  (MnOi)  is  a  common  Mn  oxide,  consisting  of  layered 
sheets  of  edge-linked  Mn^'^Oe  octahedra.  Naturally-occurring  manganese  oxide  solids  are 
generally  microcrystalline,  poorly  ordered,  and  impure,  leading  to  an  abundance  of  reactive 
surface  functional  groups.  The  surface  reactivity  of  birnessite  arises  from  cation  vacancies  in  the 
Mn  octahedral  layer  and  from  the  substitution  of  Mn^^^  for  Mn^^  (resulting  in  negative  structural 
charge),  and  from  the  protonation  and  deprotonation  of  singly-  and  doubly-coordinated  surface 
hydroxyl  groups.  Commonly,  the  negative  structural  charge  is  satisfied  by  exchangeable  cations 
that  reside  between  the  Mn  octahedral  layers.  The  surface  hydroxyl  groups  are  scavengers  for 
metal  ions,  primarily  through  proton  exchange  processes.  Due  to  the  large  amount  of  negative 
structural  charge,  and  the  presence  of  undercoordinated  surface  hydroxyls  (=MnOH“°  and 
=Mn20  ■  ),  birnessite  has  negative  surface  charge  throughout  a  broad  pH  range  (point  of  zero 
charge  <  3),  and  is  generally  considered  to  have  a  low  capacity  to  adsorb  anions. 

The  adsorption  of  both  antimonate  and  phosphate  occurs  at  pH  values  above  the  point  of 
zero  charge  of  birnessite  (surface  charge  is  negative),  indicating  that  they  form  inner-sphere 
surface  complexes.  However,  sulfate  was  not  adsorbed  in  the  pH  range  studied,  and  is  essentially 
repelled  by  the  birnessite  surface  (data  not  shown).  The  adsorption  of  antimonate  by  birnessite  is 
both  pH  and  ionic  strength  dependent  (Fig.  84a).  Adsorption  increases  from  a  minimum  at  pH  10 
to  near  complete  removal  of  antimonate  at  pH  values  below  approximately  6.  Antimonate 
adsorption  also  increases  with  increasing  ionic  strength,  as  the  adsorption  edge  shifts  from 
approximately  pH  6.9  to  7.4.  Similar  adsorption  behavior  is  observed  for  phosphate  (Fig.  84b). 
Adsorption  increases  from  a  minimum  in  the  pH  9  to  10  range,  to  a  maximum  in  the  pH  3  to  4 
range.  Further,  phosphate  adsorption  also  increases  with  increasing  ionic  strength  (the  adsorption 
edge  shifts  from  pH  6.9  to  7.6).  This  ionic  strength  effect  for  ligands,  such  as  phosphate,  is 
observed  for  adsorption  at  pH  values  above  the  point  of  zero  charge  (Yao  and  Millero,  1996; 

Aral  and  Sparks,  2001;  Mustafa  et  ah,  2006;  Rahnemaie  et  ah,  2007;  Antelo  et  ah,  2010). 
Hiemstra  and  Van  Riemsdijk  (1999)  attribute  the  effect  to  a  smaller  repulsive  interaction 
between  the  negatively  charged  surface  and  the  anion  caused  by  enhanced  electrolyte  screening 
of  the  particle  surface  charge.  The  ionic  strength  effect  has  been  interpreted  to  indicate  the  inner- 
sphere  (Hiemstra  and  Van  Riemsdijk,  1999;  Antelo  et  ah,  2010)  or  the  outer-sphere  (Yao  and 
Millero,  1996)  ligand  adsorption  of  phosphate.  However,  Aria  and  Sparks  (2001)  argued  that  the 
adsorption  mechanism  (inner-  vs.  outer-sphere)  could  not  be  ascertained  from  this  type  of 
macroscopic  data. 

The  electrolyte  screening  effect  is  evidenced  by  the  zeta  potential  of  birnessite  as  a  function 
of  pH  and  ionic  strength  (Fig.  85).  The  zeta  potential  of  birnessite  in  indifferent  electrolyte 
(KNO3  or  K2SO4)  is  negative  throughout  the  pH  3  to  1 1  range  (lEP  <  3),  and  is  generally 
invariant  with  changing  pH.  Further,  the  zeta  potential  becomes  more  positive  with  increasing 
ionic  strength,  averaging  -28.18  mV  in  the  10  mMKNOs  (or  K2SO4)  systems  and  -20.41  mV  in 
the  100  mMKNOs  systems  (illustrating  the  screening  effect).  The  presence  of  antimonate  or 
phosphate  does  not  influence  the  zeta  potential  of  birnessite  in  the  pH  range  studied  (Figs.  86  and 
87).  The  average  zeta  potential  is  -29.43  mV  for  10  mMKH2P04  and  -29.52  mV  for  10  mM 
KNO3  +  10  mMKH2P04  suspensions,  compared  to  -28.14  mV  for  10  mMKN03.  The  average 
zeta  potential  is  -20.52  mV  for  100  mMKN03  +10  mMKH2P04  suspensions,  compared  to  - 


141 


21.33  mV  for  100  mMKNOs.  For  the  antimonate  suspensions,  the  average  zeta  potential  is  - 
34.26  mV  for  10  mMKSb(OH)6  and  -29.60  mV  for  10  mMKNOs  +  10  mMKSb(OH)6, 
compared  to  -28.14  mV  for  10  mMKNOs.  The  average  zeta  potential  is  -20.57  mV  for  100  mM 
KNO3  +  10  mMKSb(OH)6  suspensions,  compared  to  -21.33  mV  for  100  mMKNOs.  The  impact 
of  specifically  adsorbed  antimonate  or  phosphate  on  the  lEP  of  birnessite  could  not  be  evaluated, 
as  the  lEP  is  outside  the  range  of  the  adsorption  experiments  (lEP  <  3). 

Both  antimonate  and  phosphate  have  similar  affinities  for  the  birnessite  surface,  although 
antimonate  appears  to  adsorb  more  strongly  than  phosphate  (Pig.  84).  This  is  supported  by  the 
competitive  adsorption  findings.  The  influence  of  phosphate  on  antimonate  adsorption  is 
negligible,  irrespective  of  the  initial  state  of  the  suspensions  (Pig.  88).  However,  the  inclusion  of 
antimonate  as  a  competing  ligand  decreases  the  retention  of  phosphate.  The  effect  is  more 
pronounced  in  the  lower  ionic  strength  systems,  and  in  the  preadsorbed  antimonate  and  direct 
competition  systems  (Pig.  89).  Phosphate  is  more  competitive  with  antimonate  in  the 
preadsorbed  phosphate  suspensions.  The  reduction  in  phosphate  retention  that  occurs  when  in 
competition  with  antimonate  may  result  from  the  direct  competition  for  adsorption  sites,  or  from 
electrostatic  effects  resulting  from  the  change  in  surface  charge  that  arises  from  the  adsorption  of 
antimonate.  The  total  concentration  of  available  =MnOH  surface  functional  groups  (4.805  mmol 
P“^  in  the  birnessite  suspensions.  Table  1)  far  exceeds  the  initial  concentration  of  added  ligand  ('-' 
0.08  mmol  P~').  However,  because  the  suspension  pH  is  greater  than  the  lEP  of  birnessite,  the 
concentration  of  positively-charged  =MnOH2^  sites  (required  for  both  anion  and  ligand 
exchange)  may  only  be  a  minor  fraction  of  the  total  sites.  The  concentration  of  these  sites  is 
dependent  on  both  pH  and  ionic  strength.  Site  concentration  decreases  with  decreasing  ionic 
strength  and  with  increasing  pH.  The  greater  impact  of  antimonate  on  phosphate  retention  in  the 
0.01  MKNO3  suspensions,  in  comparison  to  that  in  0.1  MKNO3,  illustrates  the  ionic  strength 
effect  on  =MnOH2^  concentration.  However,  the  cause  of  the  competition  remains  unknown. 
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Figure  84.  The  adsorption  of  (a)  antimonate  and  (b)  phosphate  by  birnessite  as  a  funetion  of  pH 
and  ionic  strength. 
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Figure  85.  The  influenee  of  nitrate  and  sulfate  on  the  zeta  potential  of  birnessite  as  a  function  of 
pH,  ionic  strength,  and  electrolyte  composition. 
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Figure  86.  The  influenee  of  nitrate  and  phosphate  on  the  zeta  potential  of  bimessite  as  a  funetion 
of  pH,  ionie  strength,  and  eleetrolyte  composition. 
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Figure  87.  The  influenee  of  nitrate  and  antimonate  on  the  zeta  potential  of  bimessite  as  a 
funetion  of  pH,  ionie  strength,  and  eleetrolyte  eomposition. 
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Figure  88.  The  eompetitive  adsorption  of  antimonate  by  birnessite  in  the  presenee  of  phosphate 
in  (a)  0.01  MKNO3  and  (b)  0.1  MKNO3  eleetrolyte  media  as  a  function  of  pH  and  method  of 
antimonate  or  phosphate  addition. 
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Figure  89.  The  competitive  adsorption  of  phosphate  by  birnessite  in  the  presence  of  antimonate 
in  (a)  0.01  MKNO3  and  (b)  0.1  MKNO3  electrolyte  media  as  a  function  of  pH  and  method  of 
antimonate  or  phosphate  addition. 
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Surface  Complexation  Modeling 

The  macroscopic  adsorption  edge  studies  do  not  provide  sufficient  evidence  to  indicate  an 
adsorption  mechanism  for  antimonate  on  birnessite.  Outer-sphere  complexation  via  an 
electrostatic  interaction  is  sensitive  to  changes  in  ionic  strength.  This  is  due  to  competition  with 
counter  anions.  Inner-sphere  complexation  is  generally  insensitive  to  changes  in  ionic  strength, 
as  the  ligand  bonds  directly  to  surface  functional  groups.  There  is  a  minor  impact  of  ionic 
strength  on  the  adsorption  of  antimonate  by  birnessite  (Fig.  84),  as  the  adsorption  edge  shifts  to  a 
high  pH  value  and  adsorption  increases  with  increasing  ionic  strength.  This  type  of  ligand 
adsorption  behavior  has  been  associated  with  both  inner-  and  outer-sphere  surface  complexation. 
Further,  surface  complexation  models  that  invoke  either  inner-sphere  or  outer-sphere  adsorption 
reactions  have  been  used  to  successfully  describe  adsorption  at  pH  values  above  the  lEP  of  the 
solid.  This  is  particularly  the  case  for  phosphate  (Antelo  et  ah,  2010;  Yao  and  Millero,  1996). 

Several  surface  complexation  models  were  evaluated  for  their  ability  to  describe  the 
antimonate  adsorption  edge  (Table  14).  The  chemical  model  that  considers  only  the  outer-sphere 
=MnOH2^-Sb(OH)6~  surface  species  (Model  A)  does  not  provide  a  satisfactory  description  of  the 
adsorption  edge  (Fig.  90).  The  model  predicted  increased  adsorption  with  increasing  ionic 
strength;  however,  the  adsorption  edge  was  too  shallow  compared  to  the  experimental  data.  The 
chemical  models  that  considered  only  an  inner-sphere  surface  complex  [either  the  monodentate 
=MnOSb(OH)5“  or  the  bidentate  (=MnO)2Sb(OH)4“]  provide  an  adequate  descrition  of  the 
adsorption  edge  (Fig.  91).  The  goodness-of-fit  parameter  for  the  =MnOSb(OH)5“  model  is  Vy  = 
27.988,  while  that  for  the  (=MnO)2Sb(OH)4~  model  is  Vy  =  29.672.  Although  either  model 
provides  a  satisfactory  fit,  neither  predicts  the  observed  ionic  strength  effect.  Both  inner-sphere 
models  predict  increasing  retention  with  decreasing  ionic  strength.  Models  that  combine  inner- 
and  outer-sphere  retention  of  antimonate  are  successful  in  describing  the  experimental  adsorption 
edge  and  in  predicting  the  ionic  strength  effect  (Fig.  92,  Table  14).  The  application  of  Model  D, 
which  combined  the  =MnOH2^-Sb(OH)6“  and  =MnOSb(OH)5“  surface  species,  resulting  in  a 
goodness-of-fit  parameter  of  Vy  =  9.057.  The  goodness-of-fit  parameter  for  the  model  that 
combined  the  outer-sphere  and  bidentate  (=MnO)2Sb(OH)4“  species  (Model  E)  is  Vy  =  8.754.  In 
both  models,  the  inner-sphere  complex  is  predicted  to  predominate  throughout  a  broad  pH  range. 
Both  models  are  particularly  successful  in  describing  the  adsorption  edge  in  0.01  MKNO3. 
However,  the  steepness  of  the  edge  in  0.1  MKNO3  is  not  as  well-described. 

In  order  to  predict  competitive  adsorption  in  binary  antimonate-phosphate  systems,  intrinsic 
constants  for  the  retention  of  phosphate  must  be  determined.  The  affinity  of  phosphate  for  the 
birnessite  surface  is  similar  to  that  of  antimonate.  Phosphate  adsorption  is  dependent  on  ionic 
strength.  Increasing  the  ionic  strength  from  0.0 1  to  O.I  MKNO3  shifts  the  adsorption  edge  to  a 
high  pH  value  (from  pH  6.9  to  7.6).  Yao  and  Millero  (1996)  successfully  predicted  phosphate 
adsorption  on  birnessite  by  considering  the  formation  of  the  outer-sphere  complexes,  =MnOH2^- 
HP04^”  and  =Mn0H2^-H2P04“.  This  model  is  used  to  successfully  described  phosphate 
adsorption  (Pig.  93,  Table  14),  yielding  a  goodness-of-fit  parameter  of  Vy  =  9.978.  The 
optimized  log  A'"*  values  of  18.91  and  25.91  for  =Mn0H2^-HP04^~  and  =Mn0H2^-H2P04~ 
formation  are  similar  to  the  log  A'"*  values  of  19.6  and  25. 1  obtained  by  Yao  and  Millero  (1996). 

The  combined  monodentate  inner-sphere  (=MnOSb(OH)5“)  and  outer-sphere  (=MnOH2^- 
Sb(OH)6~)  antimonate  model  (Model  D)  and  the  outer-sphere  phosphate  model  are  used  to 
predict  ligand  adsorption  in  the  binary  systems.  The  predicted  direct  competitive  adsorption  of 
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antimonate  and  phosphate  by  birnessite  indicates  that  antimonate  adsorption  in  both  the  0.01  and 
0.1  MKNO3  systems  are  overestimated  (Fig.  94).  Similarly,  the  adsorption  of  phosphate  is 
overestimated.  The  poor  prediction  of  both  antimonate  and  phosphate  adsorption  results  in  a 
large  goodness-of-fit  parameter  for  competitive  adsorption,  Vy  =  51.477.  Although  the 
application  of  chemical  models  developed  for  single-adsorbate  systems  to  binary-adsorbate 
systems  has  been  met  with  limited  success  (Essington  and  Anderson,  2008),  the  reoptimization 
of  the  intrinsic  constants  is  generally  necessary  to  provide  an  adequate  fit  to  the  experimental 
data.  For  the  reoptimized  binary  antimonate-phosphate  systems,  ligand  adsorption  is  generally 
well-predicted,  with  Vy  =  9.023  (Fig.  95).  The  reoptimized  log  values  for  =MnOH2^- 
Sb(OH)6",  =MnOSb(OH)5“,  =  Mn0H2^-HP04^“,  and  =Mn0H2^-H2P04"  formation  are  5.19  ± 
0.01,  6.90  ±  0.02,  18.52  ±  0.03,  and  25.49  ±  0.01. 


Table  14.  Surface  complexation  models  used  to  describe  the  adsorption  of  antimonate  and 
phosphate  by  birnessite  as  a  function  of  pH  and  ionic  strength  using  the  triple-layer  formulation. 


Reaction 

logA'"'t 

Antimonate  Model  A 

=MnOH  +  +  Sb(OH)6"  =  =MnOH2^-Sb(OH)6“ 

6.10±0.01 

VyJ 

86.159 

Antimonate  Model  B 

=MnOH  +  Sb(OH)6“  =  =MnOSb(OH)5“  +  H2O 

8.29  ±0.01 

Vy 

27.988 

Antimonate  Model  C 

2=MnOH  +  Sb(OH)6"  =  (=MnO)2Sb(OH)4“  +  2H2O 

10.76  ±0.01 

Vy 

29.672 

Antimonate  Model  D 

=MnOH  +  +  Sb(OH)6"  =  =MnOH2^-Sb(OH)6" 

5.44  ±0.02 

=MnOH  +  Sb(OH)6"  =  =MnOSb(OH)5“  +  H2O 

7.62  ±0.03 

Vy 

9.057 

Antimonate  Model  E 

=MnOH  +  H+  +  Sb(OH)6“  =  =MnOH2^-Sb(OH)6“ 

5.46  ±0.01 

2=MnOH  +  Sb(OH)6"  =  (=MnO)2Sb(OH)4“  +  2H2O 

10.07  ±0.03 

Vy 

8.754 

Phosphate 

=MnOH  +  2H^  +  PO4  =  =MnOH2  -HPO4 

18.91  ±0.03 

=MnOH  +  3H+  +  P04^“  =  =Mn0H2^-H2P04" 

25.91  ±0.01 

Vy 

9.978 

tCommon  logarithms  of  the  intrinsic  surface  complexation  constants  (±  standard  deviation) 
optimized  using  FITEQF,  the  antimonate  and  phosphate  adsorption  edge  data  (Fig.  84),  and  the 
birnessite  and  suspension  parameters  described  in  Tables  1  and  2. 
t  Weighted  sum  of  squares  of  residuals  divided  by  the  degrees  of  freedom. 
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Figure  90.  The  adsorption  of  antimonate  by  bimessite  as  a  function  of  pH  and  ionic  strength  in 
(a)  0.01  MKNO3  and  (b)  0.1  MKNO3.  The  lines  represent  the  triple-layer  surface  complexation 
model  fit  to  the  experimental  data  using  FITEQL,  the  outer-sphere  =MnOH2^-Sb(OH)6~  species, 
and  chemical  model  A  described  in  Table  14. 
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Figure  91.  The  adsorption  of  antimonate  by  bimessite  as  a  function  of  pH  and  ionic  strength  in 
(a)  0.01  MKNO3  and  (b)  0.1  MKNO3.  The  lines  represent  the  triple-layer  surface  complexation 
model  fit  to  the  experimental  data  using  FITEQL,  the  inner-sphere  monodentate  =MnOSb(OH)5' 
or  bidentate  (=MnO)2Sb(OH)4“  species,  and  chemical  models  B  and  C  described  in  Table  14. 
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Figure  92.  The  adsorption  of  antimonate  by  bimessite  as  a  function  of  pH  and  ionic  strength  in 
(a)  0.01  MKNO3  and  (b)  0.1  MKNO3.  The  lines  represent  the  triple-layer  surface  complexation 
model  fit  to  the  experimental  data  using  FITEQL,  the  outer-sphere  =MnOH2^-Sb(OH)6~  species 
and  the  inner-sphere  monodentate  =MnOSb(OH)5“  or  bidentate  (=MnO)2Sb(OH)4“  species,  and 
chemical  models  D  and  E  described  in  Table  14. 
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Figure  93.  The  adsorption  of  phosphate  by  birnessite  as  a  funetion  of  pH  and  ionie  strength  in  (a) 
0.01  MKNO3  and  (b)  0.1  MKNO3.  The  lines  represent  the  triple-layer  surfaee  eomplexation 
model  fit  to  the  experimental  data  using  FITEQL  and  the  ehemieal  model  deseribed  in  Table  14. 
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Figure  94.  The  adsorption  of  (a)  antimonate  and  (b)  phosphate  by  birnessite  as  a  funetion  of  pH 
and  ionie  strength  in  antimonate-phosphate  direet  eompetition  systems.  The  lines  represent  the 
triple-layer  surfaee  eomplexation  model  predietions  using  the  log  values  optimized  for  non- 
eompetitive  adsorption  of  antimonate  (Model  D;  =MnOH2^-Sb(OH)6~  and  =MnOSb(OH)5“ 
speeies)  or  phosphate  (=Mn0H2^-HP04^“  and  =Mn0H2^-H2P04~  speeies)  (Table  14).  The  solid 
lines  show  the  predieted  adsorption  in  0.01  MKNO3,  the  dashed  lines  in  0.1  MKNO3. 
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Figure  95.  The  adsorption  of  (a)  antimonate  and  (b)  phosphate  by  birnessite  as  a  funetion  of  pH 
and  ionie  strength  in  antimonate-phosphate  direet  eompetition  systems.  The  lines  represent  the 
triple-layer  surfaee  complexation  model  predietions  using  the  reoptimized  log  values  of  5.19, 
6.90,  18.52,  and  25.49  for  =MnOH2^-Sb(OH)6“,  =MnOSb(OH)5“,  =Mn0H2^-HP04^“,  and 
=Mn0H2^-H2P04~  formation.  The  solid  lines  show  the  predicted  adsorption  in  0.01  MKNO3, 
the  dashed  lines  in  0.1  MKNO3. 
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Summary:  Antimonate  Adsorption  by  Birnessite 

Bimessite  is  a  surface  reactive  mineral  in  soil  and  sediment,  primarily  known  as  a  scavenger 
for  metal  cations.  Throughout  a  broad  pH  range,  the  birnessite  surface  bears  a  net  negative 
change  (point  of  zero  charge  is  approximately  2).  Bimessite  displays  a  high  capacity  for 
antimonate  adsorption.  Antimonate  adsorption  by  birnessite  is  dependent  on  pH  and  ionic 
strength.  The  complete  removal  of  antimonate  by  bimessite  occurs  in  acidic  to  neutral  solutions 
(pH  <  6),  and  adsorption  decreases  with  increasing  pH.  Antimonate  adsorption  increases  with 
increasing  ionic  strength.  This  ionic  strength  effect  is  observed  for  ligand  adsorption  when  the 
pH  is  greater  than  the  lEP  of  the  adsorbent.  Similar  adsorption  behavior  is  observed  for 
phosphate.  However,  birnessite  has  a  lower  affinity  for  phosphate  than  for  antimonate. The  ionic 
strength  effect  has  also  been  interpreted  to  indicate  either  inner-sphere  or  outer-sphere  surface 
complexation.  Both  adsorption  mechanisms  have  been  successfully  employed  in  the  surface 
complexation  modeling  of  ligand  adsorption  by  birnessite.  Sulfate  is  not  adsorbed  by  bimessite 
in  the  pH  2  to  10  range. 

The  inclusion  of  phosphate  (and  sulfate)  in  equimolar  concentrations  with  antimonate  did 
not  impact  antimonate  adsorption  by  birnessite.  However,  the  presence  of  antimonate  decreases 
phosphate  retention,  particularly  in  the  low  ionic  strength  systems,  and  in  preadsorbed 
antimonate  and  direct  competition  suspensions.  This  effect  may  be  due  to  the  greater  affinity  of 
antimonate  for  birnessite  surface  functional  groups.  However,  adsorbed  antimonate  my  also 
provide  negative  surface  charge,  interfering  with  the  electrostatic  interactions  of  phosphate  with 
the  surface. 

Based  on  the  experimental  evidence,  surface  complexation  models  were  developed  to 
predict  antimonate  adsorption  using  the  triple  layer  model  formulation.  The  antimonate 
adsorption  edge  as  a  function  of  ionic  strength  is  successfully  modeled  by  using  a  combination  of 
inner-  and  outer-sphere  mechanisms.  In  general,  the  inner-sphere  mechanism  predominated  over 
a  broad  range  of  pH  conditions.  Phosphate  adsorption  was  successfully  modeled  by  employing 
outer-sphere  surface  complexes.  However,  the  surface  complexation  models,  when  applied  to 
competitive  antimonate-phosphate  adsorption  systems,  did  not  satisfactorily  predicted  the 
antimonate  or  phosphate  adsorption  edge  without  further  optimization. 

Conclusions  and  Implications  for  Future  Research/Implementation 

Antimony  is  one  of  the  least  abundant  elements  in  natural  environments,  with 
concentrations  in  uncontaminated  soils  that  are  generally  less  than  1  mg  kg“' .  Elevated 
environmental  concentrations  of  Sb  that  arise  from  anthropogenic  sources  are  a  concern,  as  this 
element  has  no  known  biological  function,  has  high  acute  toxicity,  and  is  known  to  induce 
chronic  health  effects.  Antimony  is  listed  as  a  priority  pollutant  by  the  El.S.  Environmental 
Protection  Agency  and  a  priority  metal  by  the  Department  of  Defense  (DoD).  Antimony  is  a 
component  of  lead-based  ammunition,  and  it  is  a  cocontaminant  with  lead  at  DoD  installations 
and  civilian  firing  ranges,  where  soil  Sb  concentrations  may  range  from  <517  mg  kg“^  to  < 
17,500  mg  kg“\  Bullet  fragments  oxidize,  releasing  Sb  in  the  anionic  Sb(V)  (antimonate)  state. 
Antimonate  [Sb(OH)6~]  is  not  known  to  form  discrete  mineral  precipitates;  thus,  the  mechanism 
of  retention  in  soil  and  sediment  is  adsorption,  via  anion  exchange  (weak  electrostatic 
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interactions  with  positively-charged  surfaces,  outer-sphere  complexation)  or  ligand  exchange 
(strong  covalent  interactions,  inner-sphere  complexation).  The  type  of  adsorption  mechanism 
dictates  Sb  mobility  and  bioaccessibility,  as  well  as  the  ability  to  be  displaced  by  ligands  that 
competing  for  adsorption  sites  on  soil  constituents. 

The  objectives  of  this  study  were  to  characterize  the  adsorption  of  Sb(V)  by  minerals  in 
soils  and  sediments  that  retain  ligands.  Several  experiments  were  performed  to  investigate  the 
adsorption  of  antimonate  by  gibbsite  [Al(OH)3],  kaolinite  [Al2Si205(0H)4],  goethite  (FeOOH), 
and  birnessite  (Mn02)  as  a  function  pH,  ionic  strength,  antimonate  concentration,  temperature, 
and  in  the  presence  of  the  competing  ligands,  SO4  and  PO4.  In  addition  to  providing  a 
characterization  of  antimonate  adsorption  behavior,  the  results  may  be  interpreted  to  provide 
information  on  the  mechanism  of  antimonate  retention.  The  results  are  also  used  to  develop 
chemical  models  that  may  be  employed  to  predict  antimonate  behavior  in  chemically  complex 
environments,  such  as  soils  and  sediments. 

The  aluminol  group  (=A10H)  is  the  ligand-reactive  surface  functional  group  on  kaolinite 
and  gibbsite.  The  aluminal  group  has  relatively  low  affinity  for  Sb(V),  and  retention  is  both  pH- 
and  ionic  strength-dependent.  Kaolinite  exhibits  the  lowest  capacity  to  retain  Sb(V)  (1.48  mmol 
kg“^  adsorbed  Sb(V)  at  pH  5.5),  with  minimal  adsorption  (~0  %  of  added  Sb(V))  in  pH  >  7 
suspensions.  In  pH  <  4  suspensions,  adsorption  increases  to  approximately  50  %  of  the  added 
Sb(V)  in  0.1  Is,  and  to  80  %  in  0.01  Is.  Similarly,  Sb(V)  retention  by  gibbsite  is  pH-  and  4- 
dependent,  with  between  0  %  and  10  %  of  the  added  Sb(V)  retained  in  pH  >  9  suspesions.  In  pH 
<  4  suspensions,  retention  increases  to  approximately  80  %  of  the  added  Sb(V)  in  0.1  4,  and  to  > 
90  %  in  0.01  4-  The  concentration  of  adsorbed  Sb(V)  is  4.32  mmol  kg“^  at  pH  5.5  and  1.16  mmol 
kg“^  at  pH  8.  The  ionic  strength-dependency  of  Sb(V)  adsorption  by  kaolinite  and  gibbsite 
indicates  that  the  weak,  electrostatic  retention  of  Sb(V)  is  an  important  mechanism.  However,  in 
strongly  acidic  suspensions  (pH  <  5  to  6),  Sb(V)  adsorption  is  irreversible,  suggesting  strong 
covalent  bonding.  The  mechanistic  interpretation  of  the  adsorption  edge  results  are  supported  by 
the  adsorption  isotherm  and  surface  electrostatics  results.  In  general,  kaolinite  and  gibbsite  Sb(V) 
adsorption  isotherms  are  Langmuirian  and  may  be  described  by  the  Freundlich  and  the  two-site 
Langmuir  isotherm  models.  In  pH  8  suspensions,  Sb(V)  adsorption  by  the  aluminol  group 
increases  with  increasing  temperature  and  is  exothermic  (AHad  is  -21.0  to  -18.4  kJ  mol”'), 
indicating  that  the  predominate  retention  mechanism  is  anion  exchange.  In  pH  5.5  suspensions, 
adsorption  consists  of  high-intensity,  endothermic  (A/4d  is  1 1.7  to  16.7  kJ  moF^)  and  low- 
intensity,  exothermic  {AHad  is  ~0  to  -15.5  kJ  mol”')  components,  indicating  covalent  bonding  by 
the  aluminol  functional  group.  Antimonate  adsorption  generates  a  negative  shift  in  surface 
charge  and  an  increase  in  proton  adsorption,  both  of  which  are  consistent  with  covalent  bonding. 
Both  sulfate  and  phosphate  interfere  with  Sb(V)  retention  on  kaolinite  and  gibbsite.  The  order  of 
ligand  addition  has  a  small  influence  on  Sb(V)  adsorption.  In  general,  preadsorbed  Sb(V)  is  more 
difficult  to  displace  from  the  aluminol  functional  group  by  competing  ligands. 

The  ferrol  group  (=FeOH)  on  goethite  has  a  high  capacity  to  retain  Sb(V).  The 
concentration  of  adsorbed  Sb(V)  is  88.5  mmol  kg“'  at  pH  5.5  and  67.2  mmol  kg“^  at  pH  8. 
Adsorption  by  goethite  is  pH-dependent,  independent  of  ionic  strength,  and  generally  irreversible 
throughout  the  pH  3  to  10  range.  Approximately  40  %  of  the  added  Sb(V)  is  retained  by  goethite 
in  pH  10  suspensions,  increasing  to  100  %  when  pH  <  6.  Antimonate  adsorption  isotherms  are 
Langmuirian  and  described  by  the  one-site  Langmuir  isotherm  model.  Adsorption  is  endothermic 
in  both  pH  5.5  {AHad  is  21.6  kJ  moL^)  and  8  {AHad  is  16.6  kJ  mol”')  suspensions,  indicating 
covalent  bonding  by  the  ferrol  functional  group.  Correspondingly,  Sb(V)  adsorption  generates  a 


158 


negative  shift  in  goethite  surfaee  eharge.  Antimonate  adsorption  by  goethite  is  not  impaeted  by 
sulfate.  However,  phosphate  strongly  inhibits  Sb(V)  retention,  partieularly  when  phosphate  is 
preadsorbed  or  when  the  two  ligands  are  in  direct  competition  (Sb(V)  adsorption  is  neglible 
above  pH  7).  However,  preadsorbed  Sb(V)  is  difficult  to  displace  from  the  ferrol  functional 
group  by  phosphate. 

Like  the  ferrol  group  on  goethite,  the  manganol  group  (=MnOH)  on  birnessite  is  a  scavenger 
for  Sb(V).  The  concentration  of  adsorbed  Sb(V)  is  14.8  mmol  kg“^  at  pH  5.5  and  5.83  mmol  kg“' 
at  pH  8.  Adsorption  by  birnessite  is  pH-  and  ionic  strength-dependent.  Approximately  10  %  (low 
Is)  to  20  %  (high  Is)  of  the  added  Sb(V)  was  retained  by  birnessite  in  pH  >  9  suspensions, 
increasing  to  100  %  when  pH  <  5.  Antimonate  adsorption  generates  a  negative  shift  in  birnessite 
surface  charge,  indicating  covalent  bonding  by  the  manganol  functional  group.  Antimonate 
adsorption  by  birnessite  is  not  impacted  by  either  sulfate  or  phosphate. 

The  experimental  findings  suggest  that  the  retention  of  Sb(V)  by  kaolinite  and  gibbsite 
occurs  via  a  combination  of  mechanisms.  Electrostatic  adsorption  occurs  throughout  the  pH  3  to 
10  range;  whereas,  covalent  bonding  by  the  aluminol  functional  group  becomes  important  in  pH 
<  6  suspensions.  The  retention  of  antimonate  by  goethite  and  birnessite  occurs  predominately  by 
covalent  mechanisms.  Antimonate  adsorption  by  the  mineral  surfaces,  as  a  function  of  pH  and 
ionic  strength,  was  successfully  predicted  by  any  one  of  several  surface  complexation  models, 
including  outer-sphere,  monodentate  or  bidentate  inner-sphere,  or  combined  outer-sphere  and 
inner-sphere  (monodentate  or  bidentate)  models.  Thus,  there  was  no  unique  surface 
complexation  model  that  would  specifically  describe  Sb(V)  adsorption  by  a  given  surface.  In 
general,  the  surface  complexation  models  that  generated  the  lowest  goodness-of-fit  parameters 
(Vy)  included  both  outer-sphere  [=5'OH2^-Sb(OH)6~]  and  monodenate  inner-sphere 
[=S'OSb(OH)5“]  complexation  reactions  (Table  15).  The  magnitude  of  the  intrinsic  constants 
generally  reflects  the  observed  capacities  of  the  minerals  to  adsorb  Sb(V).  The  intrinsic  constants 
for  =5'OH2^-Sb(OH)6~  and  =5'OSb(OH)5“  formation  (as  A‘°*)  on  gibbsite  and  kaolinite,  which 
have  a  low  capacity  for  Sb(V)  retention,  are  orders  of  magnitude  lower  than  the  constants  for 
complex  formation  on  goethite  and  birnessite,  which  effectively  immobilize  Sb(V). 


Table  15.  Antimonate  surface  complexation  reactions  and  equilibrium  constants  (as  log  A‘°*)  that 
describe  adsorption  as  a  function  of  pH  and  ionic  strength.! _ 


Surface  complexation  reaction); 

Gibbsite 

Kaolinite 

Goethite 

Birnessite 

=50H2^  +  Sb(OH)6' 

■  =  =50H2^-Sb(0H)6“ 

3.73 

3.13 

6.35 

7.04 

+  Sb(OH)6“ 

=  =50Sb(0H)5“  +  H+ 

-2.19 

0.64 

3.26 

7.62 

Vy§ 

2.428 

2.823 

29.67 

9.057 

tThe  log  A'"'  values  where  optimized  using  the  triple  layer  formulation  of  the  surface 
complexation  model,  the  FITEQL  computer  code,  and  the  adsorption  edge  data  for  both  0.01  and 
0.1  MKNO3  simultaneously. 

XS  is  A1  for  gibbsite  and  kaolinite;  Ee  for  goethite;  and  Mn  for  birnessite. 

§  Goodness-of-fit  parameter;  the  weighted  sum  of  squares  of  residuals  divided  by  the  degree  of 
freedom. 
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The  ability  of  the  surfaee  eomplexation  models  to  prediet  Sb(V)  adsorption  in  eompetitive 
Sb(OH)6  and  SO4  or  Sb(OH)6  and  PO4  systems,  using  the  surfaee  eomplexation  eonstants 
obtained  for  the  single-ligand  systems,  was  also  evaluated.  In  general,  the  reoptimization  of  the 
surfaee  eomplexation  models  was  required  to  satisfaetorily  prediet  ligand  adsorption  in  the 
eompetitive  systems.  For  the  gibbsite  systems,  the  single-ligand  models  provided  satisfaetory 
deseriptions  of  Sb(V)  adsorption  in  both  the  eompetitive  SO4  and  PO4  systems.  The 
reopimization  of  the  intrinsie  eonstants  for  the  mixed  ligand  systems  resulted  in  an  improved 
predietion  of  Sb(V)  adsorption  in  the  eompetitive  PO4  systems,  but  not  in  the  SO4  systems.  For 
both  the  kaolinite  and  goethite  systems,  the  single-ligand  models  did  not  adequately  prediet 
Sb(V)  adsorption  in  the  eompetitive  SO4  or  PO4  systems.  Reoptimization  resulted  in  the 
satisfaetory  predietion  of  Sb(V)  adsorption  in  the  SO4  systems,  but  not  in  the  PO4  systems.  The 
satisfaetory  deseription  of  Sb(V)  adsorption  by  birnessite  in  the  eompetitive  PO4  systems  also 
required  reoptimization  of  the  intrinsie  eonstants. 

This  research  specifically  addresses  deficiencies  in  the  scientific  literature  by  providing  an 
improved  and  detailed  understanding  of  Sb(V)  adsorption  behavior  by  reactive  soil  and  sediment 
components,  and  by  developing  the  capabilities  to  predict  Sb(V)  mobility  and  bioavailability. 

The  research  results  will  help  establish  technically-defensible  clean-up  goals  and  priorities  at 
DoD  facilities,  and  will  improve  public  and  DoD  site  manager  confidence  in  the  management  of 
contaminated  environments.  This  research  describes  the  adsorption  of  Sb(V)  by  the  surface- 
reactive  minerals  that  are  common  to  soils  and  sediments.  The  results  indicate  that  Sb(V) 
retention  is  strongly  dependent  on  pH.  Depending  on  the  adsorbent,  Sb(V)  adsorption  is  also 
influenced  by  the  ionic  strength  (salinity)  and  the  presence  of  ligands  (SO4  and  PO4)  that 
compete  for  adsorption  sites.  In  general,  Sb(V)  is  immobilized  in  strongly  acidic  environments, 
and  by  Fe-  and  Mn-rich  phases  (but  not  by  Al-rich  phases).  The  research  findings  also  indicate 
that  the  addition  of  P04-based  fertilizer  amendments  to  immobilize  lead  in  shooting  range  soils 
will  inhibit  Sb(V)  adsorption,  potentially  enhancing  Sb(V)  mobility  and  bioaccessibility. 
Geochemical  models  that  predict  the  distribution  of  Sb(V)  between  soluble  and  adsorbed  phases 
as  a  function  of  pH  and  ionic  environment  were  successfully  developed.  However,  the 
application  of  these  models  to  predict  behavior  in  Sb(V)-affected  environments  will  require  site- 
specific  chemical  information  and  calibration. 

The  soil  environment  is  a  chemically-complex  system  where  numerous  chemical  processes 
involving  a  multitude  of  reactants  impact  the  fate  and  behavior  of  a  substance.  This  study 
examined  one  such  process  affecting  Sb(V)  behavior;  adsorption  by  a  small  number  of 
environmentally  relevant  minerals  as  influenced  by  a  small  number  of  chemical  variables.  The 
interactions  of  Sb(V)  with  the  reactive  aluminol,  ferrol,  and  manganol  surface  functional  groups 
was  examined.  These  functional  groups  are  common  to  minerals  in  soil  and  sediment,  and  they 
readily  react  with  ligands.  In  some  cases,  the  functionality  of  each  group  is  similar,  irrespective 
of  the  supporting  mineral.  For  example,  the  reactivity  of  the  aluminol  group  located  on  the  edge 
of  kaolinite  is  similar  to  that  on  gibbsite,  and  surface  eomplexation  models  developed  to  describe 
ligand  adsorption  by  gibbsite  have  been  successfully  employed  to  predict  adsorption  by 
kaolinite.  However,  despite  these  similarilties  in  functional  group  behavior,  mineral-specific 
characteristics  and  surface  reactivities  commonly  influence  ligand  adsorption.  Even  differing 
preparations  of  the  same  mineral,  often  generating  differing  levels  of  mineral  crystallinity  and 
surface  functionality,  can  result  in  differing  ligand  adsorption  characteristics.  Thus,  it  is  vital  to 
evaluate  the  interactions  of  Sb(V)  with  a  variety  of  soil  minerals  to  provide  a  critical  assessment 
of  Sb(V)  fate  and  behavior.  This  is  particularly  the  case  for  the  hydrous  metal  oxides  (e.g.. 
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goethite,  hematite,  ferrihydrite,  and  other  ferric  oxyhydroxides),  as  these  minerals  have  the 
greater  capacity  to  impact  Sb(V)  bioaccessibility.  Although  layer  silicates  represent  a  group  of 
surface-reactive  soil  minerals,  due  to  their  extensive  internal  surface  area  and  layer  charge 
deficit,  their  surface  reactivity  is  primarily  restricted  to  the  attraction  of  cations.  The  edge 
aluminol  groups  on  layer  silicates  (e.g.,  micas,  vermiculites,  and  smectites)  are  expected  to  have 
only  a  minor  impact  on  Sb(V)  retention,  as  indicated  by  the  adsorption  of  Sb(V)  by  kaolinite.  In 
addition  to  the  ferric  oxyhydroxides,  naturally-occurring  soil  organic  materials  may  exert  a 
profound  impact  on  the  fate  and  behavior  of  substances  in  soil  and  sediment  environments.  The 
interactions  of  Sb(V)  with  these  substances,  in  either  the  solid  or  dissolved  state,  has  yet  to  be 
investigated. 

In  addition  to  characterizing  the  interactions  of  Sb(V)  with  natural  mineral  and  organic 
adsorbents,  as  well  as  soil  and  sediments,  the  influence  of  soil  solution  chemistry  on  retention 
requires  additional  investigation.  Competing  ligands,  such  as  sulfate  and  phosphate  (and  nitrate), 
influenced  the  adsorption  behavior  of  Sb(V).  The  influence  of  varying  concentrations  of  these 
and  other  common  ions  in  soil  (e.g.,  calcium,  magnesium,  and  chloride)  and  organic  solutes  on 
Sb(V)  adsorption  behavior  remains  to  be  addressed.  Most  significant  are  the  low  molecular  mass 
organic  acid  anions,  such  as  citrate,  oxalate,  and  malate.  These  substances  occur  in  natural 
environments  as  microbial  and  plant  root  exudates,  and  form  strong  surface  complexes  with  soil 
minerals.  Their  impact  on  Sb(V)  adsorption  may  be  similar  to  that  of  phosphate  described  in  this 
study.  Knowledge  of  the  aqueous  complexation  chemistry  of  Sb(V)  is  also  lacking.  Although  the 
pAa  value  for  the  hydrolysis  of  the  Sb(OH)5°  species  is  known,  the  association  of  Sb(OH)6~  with 
common  soil  solution  cations  (e.g.,  Ca^"^,  Mg^"^,  and  Al^^)  to  form  soluble  complexes  (e.g., 
CaSb(OH)6^  and  MgSb(OH)6^)  has  not  been  investigated  (nor  has  the  potential  for  Sb(V)  to  form 
sparingly-soluble  precipitates  with  common  soil  cations).  Significant  complexation  of  Sb(V)  in 
soil  and  sediment  solutions  will  directly  impact  Sb(V)  adsorption  behavior.  Thus,  knowledge  of 
these  processes  is  required  to  develop  holistic  chemical  models  of  Sb(V)  behavior  in  soil  and 
sediment  environments. 
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